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PREFACE 


This book presents the subject in simple, straight- 
j^brward language. Simplicity is also aimed at in the . 
drawings, which can easily be made by the non-artistic 
pupil, equipped with pencil and ruler. It is hoped that 
the same simplicity appears in the questions given. They 
are straightforward questions on the pupils’ knowledge H ^ 
the text, and contain no “ frills They are not intended 
to take the place of selected School Certificate (General 
Certificate of Education — Ordinary Level) questions. 

Industrial processes and everyday applications are 
brought in, as much as possible. Constant reference in 
these directions should play a large part in the teaching 
of the subject, which is often treated in much too theo-. 
retical a way. The authors are grateful to various firms" 
which have helped in supplying material for blocks. 
They regret that they are unable to .tnake use of much 
excellent material, owing to war-time restrictions. 

It is hoped that pupils will be encouitiged to read the 
book, and not to use it merely as a refe4^nci>^^d as an 
aid in doing “ prep The subject is |)re^nted in its 
lojical sequence: but most teachers wilH^efer tb leave 
much of the physical chemistry pupil has 

acquired some little knowledge of the fact8*i)jF chemistiy* 
It is suggested that a final reading should be mai|e> wd 
that this should he straight through the book. 

Inorganic Chemistry, to School Certificate (General 
Certificate of Education — Ordinary Level) staixdard, in 
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►spite of the interest created among the pupils by their 
performing their own experiments, is not an easy subject 
to teach, if the full benefit of its training value is to be 
obtained. In later stages, especially in Organic Chemistry, 
the subject becomes easier to teach, because the under- 
lying principles are more apparent, and the unity and 
coherence of the subject becomes clear. Because of this, 
it seems certain .that more skill in teaching and even more 
enthusiasm on the part of the teacher are required thaq 
are demanded by Physics. No textbook on elementa^ 
Chemistry, however fully — and often colloquially — 
^.witten, can take the place of a keen and competent 
^l^cher. Given the latter, all that is necessary is that the 
J-textbook cover the subject-matter fully and clearly, and 
it is hoped that this book does that. 

P. T. F. 


J. L. St. J. 



CHAPTER 1 


THE SCIENCE OF CHEMISTRY 

If your study of chemistry — even of elementary 
chemistry — succeeds in giving you nothing more than 
a knowledge of the facts which you learn, however in- 
teresting in themselves these may be, it fails in its object. 
If It does not succeed in calling out the scientific spirit* 
v'hich is in you, you may pass examinations by writing 
down the facts, but you will not awaken a spirit which 
can do much to influence your whole outlook on life. 
What is this spirit? 

It is always present in small childien. You probably 
cannot remember the time when you yourself wanted 
to know all about everything of which your senses made 
you aware: but you have probably dealings with 
small boys or girls aged, say, three of 'fpur years, and 
have noticed how they sometimes drive old^r people 
nearly crazy by their incessant questiohii^g. Thej vsant 
to know. They are curious. All of th^n;! I6^ some of this 
curiosity as they grow older, and ti^mets ^aometimes ' 
regret that many of their pupils seem to liave 4pst most 
of it. 

Have you thought that we owe aliXKis^ com- 

forts of life to the curiosity of people in^WK^^? They 
wanted to know. The proems by whict^jS^jiO^ out 
what they wanted to know is called 
on unceasingly in all directions to-day. ' If is 

to find out the secrets* of nature — that is, of the worW 
around us — we call it scientific research. Theh^, afe 
other kinds, such as literary or historical research. 

IS to be noted that the object of all true research w 
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is to get to know the truths for its ozon sake. Such a dis- 
covery may or may not lead to some profit-making 
device. If it does, it is generally exploited by the busi- 
ness man and the inventor, and not by the discoverer. 
But the true research worker generally does not mind 
about that. lie is engaged in one of the most absorbing 
and fascinating pursuits which man can undertake — 
he is treading where no man has trodden before. 

The great Faraday, whose discoveries have done more 
to change the material conditions of life than those of 
any other single person, was one day showing to a lady 
friend a discovery (about a wire in a magnetic field) 
which was to lead to all of the marvels of modern electrical 
^engineering — the dynamo, electric motor, electric light- 
ing and heating, wireless, and so on. He himself little 
thought that all this would follow from his work. If he 
could come back to-day, more than a hundred years 
later, and see the transformations due to his work, he 
would be amazed. Yet he must have suspected some- 
thing, for, when his friend asked, “ Yes, it*s very in- 
teresting, Professor Faraday, but what is the me of it?’* 
he gave the reply, “ Madam, what is the use of a newly- 
born baby?” 

Faraday could have become very rich, but he always 
said that he had sufficient for his simple needs, and that 
he preferred to live simply in his rooms at the Royal 
"Institution and continue his search for truth for its ovm 
sake. More than two thousand years previously, Aristotle 
had said .tl^t there is no nobler calling than the pursuit 
of know'le<i^ for its own sake. This is the spirit of the 
true researcji wo^er. 

Scid|£e, 't||^^4tudy of the world around us, is one 
** for convenience, it is divided into 

a numKr of branches. There is physics, the study of 
how things move, of heat, light, sound, magnetism, 
electricity: zoology, the study of aijimals: botany, the 
study of plants: astronomy, the study of the heavenly 
bodies: and so on. But they all interlock with one 
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another. Chemistry and physics underlie the study of 
botany, zoology, and astronomy. 

It must be emphasized that the seeker after the truth 
in science asks his questions of the object being studied. 
The professors of physics in Italy, nearly two thousand 
j^ears after the time of Aristotle, were still blindly teach- 
ing the sayings of that philosopher, who, great as he 
was, did not always appeal to experiments in his search 
for the truth. He did not always ask the question of the 
actual object. For example, he had said, and the pro- 
fessors in Pisa continued to teach, that ifnwo« weights, 
one, say, five times as heavy as the other, were dropped 
at the same moment from a height, the heavier one 
would fall five times as fast as the other. This seems 
to be what one would expect. But the young professor 
Galileo stoutly denied this, and was cordially disliked 
h} the older professors. They said, “ How can that be? 
Don’t you know what Aristotle said? Here it is, writteri 
quite plainly for anybody to read.” Galileo replied, 
“ I ‘don’t denv that that is what Aristotle said: but the 
weights don’t say so. I’ll show you.” Accordingly, he 
dropped the weights from the famous Leaning Tower 
of Pisa, in front of them. Everybody could see that the 
weights reached the ground together. But the old^r 
professors did not want to believe. So they invented 
reasons why the weights had behaved in that peculiar 
way on that particular occasion. 

If the scientist gets no answer when he asks the ques- 
tions of the object of his study, he can ask again more 
closely, or (by varying the procedurCn^ Ws experiment) 
in a differenf way. Yet, in spite of thAjfeemenclons lex- 
tension of the knowledge oPscience Jb|^dred 

years, there are very many question? ^to 
not know the answers. Anybody who teaches me most 
elementary biology is 'continuously aware that if some 
small boy or girl asks him, ” How does it happen?” he 
must honestly answer, ” I don’t know. No man knows.” 

Many of the quite simple experiments described in 
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this book, some of which you will, no doubt, perform 
in the laboratory, appear to be fully understood. Yet 
there are still secrets in them which no man has yet 
discovered. When you do them, or see them done, be 
curious about everything. Watch everything most* in- 
tently. It is extraordinary how much is missed or 
inaccurately observed by people who have not trained 
their powers of observation. Two quite honest witnesses 
in a court of law, describing some quite ordinary hap- 
pening which both of them saw clearly, often give two 
entirely different accounts. Watch the experiment 
, closely. Jot down what you see, at once, if you think 
^,il:here is a chance that you may forget it, or “ misre- 
• member ** it. You may notice something which has not 
been observed before in all the thousands of times that 
the experiment has been performed. If possible, seek 
for the answers yourself. If not, ask about them. But 
never give up the quest for the truth for its own sake. 

We begin, then, on chemistry, the science which 
inquires into the composition of the substances on and 
in the earth, the sea, the air, and the stars and planets, 
discovers how substances may be changed into other 
substances, and builds up evidence that all this is part 
of an ordered plan. 

Chemistry can generally answer for you the question 
which, spoken or unspoken, you so often ask: “ What 
is it made of?*’ and often: “ How is it made?*’ If a 
cheppijBt wants to knqw the answer to the first question, 
he ha$ to split the substance up, and identify the result- 
ing substances. This process is called analysis. He is 
thefn often in a,^q^tion to answer the second question, 
either by taking these resulting substances and building 
up from them the original substance, or by building it 
up from other substances whose composition he knows. 
This is called synthesis. Both prbeesses are essential, if 
the composition of a substance is- to be thoroughly 
understood. 

You know the dye indigo. It is a very valuable dark 
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blue dye, which resists the action of soap and light. It 
was formerly obtained solely from the leaves of a plant 
which grows in India and Java. Years ago, the demand 
for indigo far exceeded the supply from this plant. The 
substance was accordingly analysed. This is a difficult 
^process, for not only had the “ stuff of which it is made 
to be determined, but also the way in which that stuff 
is arranged. A survey was then made of cheap and 
easily obtainable substances whose composition was 
known, and one was finally selected from which the 
indigo could be synthesized. This was naphthalene, 
familiar to you in the form of moth balls **, and a 
by-product in the distillation of coal tar. There ar^ 
now other methods, and the result has been that the 
cultivation of the indigo plant has fallen off very con- 
siderably. 

In a similar way, a great many substances previously 
obtainable only from plants and animals have been 
subjected to these two processes, and are now manu- 
factured from substances not obtained from plants 
or animals, 'fhus, the flavouring of your “ pineapple 
drops ” is not pineapple juice, but is synthetic. That 
is not to say that it is harnrful. Very many perfumes 
are synthetic. So are most dyes. Rubber has been 
. analysed and many attempts have been made to syn- 
thesize it. For some purposes synthetic rubber has not^ 
proved as satisfactory as natural rubber. It is probable, 
however, that this state of affairs will not be permanent, 
and that synthetic rubber will eventually be obtaiijjed in 
a form as good and as cheap as natural product. 
Green plants, in daylight, are ablfe'" |a ^synthesize sugar 
from the simple substances*carbon dioxide and -Water: 
but man has not yet discovered how to do it cheaply and 
in large quantities. He may one day discover a catalyst 
(this will be explained later) which will help him to do it. 

Indeed, the subject of catalysis, which is explained 
in a later chapter, is likely to become of increasing im- 
portance. Here is an example from the World War of 
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1914-18, Almost at its close — too late, in fact, for the 
substance to be used in it — the Americans discovered 
a deadly “ gas which they called Lewisite (after the 
inventor). The first consignment was shipped to Europe 
at the end of October, 1918, and was still on its way 
when the Armistice was signed. It was therefore de-, 
stroyed at sea. It was made by the action of the well- 
known gas acetylene on a compound known as arsenic 
trichloride. This action, no doubt, would have taken 
place very slowly in any case. But it was caused to go 
on in the presence of aluminium trichloride, which 
.remained aluminium trichloride at the end, and served 
Itnerely to speed up the reaction very greatly. Substances 
which act in this way, i.e. which accelerate or retard 
chemical actions, themselves remaining unchanged at the 
end, are known as catalysts. 

Catalysts are often discovered accidentally. You have 
just been reading that indigo is manufactured from 
naphthalene as the starting-point. The first part of the 
process consisted in converting naphthalene into some- 
thing else, using sulphuric acid. The process was very 
slow, and the yield was poor. But one day the chemists 
withdrew a sample of the mixture from the vat, in order 
to analyse it and see how far the reaction had gone. This 
was their normal procedure, and they expected that in 
jthat short time very little of the naphthalene would have 
been converted. To their astonishment, the reaction 
was very nearly complete. They investigated, and found 
that a thermometer which had been immersed in the 
mixture had broken. The mercury had escaped into the 
mixture, and had been converted into mercury sulphate 
by the sulphuric acid. After that, they always added a 
little mercury sulphate as a catalyst, and thus the acci- 
dent was largely responsible for the success of the pro- 
cess. 

Chemistry has given rise to quite new industries, e.g. 
the manufacture of ** plastics”; the discovery of new 
plastics is becoming of ever-increasing importance. 
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“ Bakelite ” is a well-known plastic. So is the substitute 
for glass — perfectly transparent, but without the brittle- 
ness and splintering properties of glass — used in air- 
craft. Think of the articles already made of these sub- 
stances — fountain-pen holders (other than vulcanite or 
.metal), switch-covers, barrels of electric torches, con- 
tainers, screw caps for bottles, and a hundred other 
things. Plastics are cheap and easily moulded, and may 
in time replace cans for food-stuffs. It is all a matter for 
further research, for the life of a manufacturing concern 
is in its research laboratory. * 

At one time it was believed that the substances formed 
within the bodies of plants and animals (that is, ir^.i 
organisms) could not be obtained from any other sources. 
There are thousands of them, and they are all substances 
containing carbon. Since they occur in organisms, 
the study of them was called organic chemistry. The 
study of substances occurring otherwise was called 
inorganic chemistiy. The gap between these two branches 
of chemistry v^as bridged in 1828 by the Grerman chemist 
Wohler, when he synthesized the substance urea (a well- 
known substance produced by the bodies of animals, 
including man) from purely inorganic materials and 
without the use of organisms. For convenience, the 
science is still divided into organic and inorganic 
chemistry. I'he former is the chemistry of the carBoa 
compounds (though a few of these are included in in- 
organic chemistry, as you will see in the chapter on 
carbon). If you go on from the stage reached in this book 
to do more advanced chemistry, you Will begin on organic 
chemistry, which is even more fascinating than inorganic 
chemistry. 

But you must first know the general principles of 
chemistry and the use of the tools ** employed in it. 
This is the reason why inorganic chemistry is always 
studied first. 

Bw'fore we begin on it, let this chapter conclude as it 
begail. It is to be hoped that you will not study chemistry 
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for its bread-and-butter value alone: that you will not re- 
gard it merely as a subject at which to work in order that 
you may have a better chance of getting a School Cer- 
tificate: that, if you do not intend to take up chemistry 
in after-life, or pharmaceutical chemistry, or medicine, 
or dentistry, or engineering, you will still value the sub- = 
ject for its own sake as a factor in the training of your 
mind. If it is properly studied, and the spirit of the 
study is right, it will satisfy many of your intellectual 
demands, give you a more valuable outlook on life, a 
respect for the fearless pursuit of truth, a reverence for 
the men who gave their lives to this pursuit, and a lively 
“interest in everything around you. 



CHAPTER II 


PHYSICAL AND CHEMICAL CHANGE: 
MIXTURES AND SINGLE SUBSTANCES: 
ELEMENTS AND COMPOUNDS 

• 

PHYSICAL AND CHEMICAL CHANGE 

In chemistry we are concerned with certain changes* 
which matter undergoes. Matter, as you have probably 
already learnt, is anything that we can see or feel or 
smell; it is anything that has weight. 

There are innumerable changes which everyone has 
observed: things are warmer in summer than in winter; 
a ball thrown upwards changes its motion, getting slower 
until it finally stops, and then begins to descend; water 
when cooled changes to ice, and when heated changes 
to steam. 

In these changes that we have mentioned, however, 
we are concerned with substances which contain* the 
same kind of matter after the change as they contained 
before. The things that are warmer in summer than in 
winter are still made of the same kind of matter; the 
ball is still the same ball in every respect when it is de- 
scending as when it was going up ; ice and steatn (not 
quite so obviously) are still made up of the safeje' land 
of matter as the liquid water from which they came. 

Also, these changes can*be made to go backwards; 
we say that they are reversible. Ice and steam can be 
warmed and cooled respectively to get water in the same 
form as we started with; things made hotter can be 
cooled and are the ’same as before. 

These are examples of what is known as physical 
change. 
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In a physical change no new kind of matter is formed^ 
and the change is usually quite easily reversible. 

The changes with which we are chiefly concerned in 
chemistry are of a different kind. Some examples with 
which you are familiar are : A match when struck changes 
from a piece of wood with a small lump of brown matter 
on one end to a shrivelled, lighter, brittle piece of char- 
coal, Coal when heated in a retort in a gas works changes 
from a shiny black solid to several substances: coke, 
tar, ammonia, and the gas we use in houses for cooking. 
A bright iron nail, when left in moist air or water for 
some time, changes on the surface to a reddish-brown 
§powder called rust. 

Here, obviously, is a class of change different from that 
previously discussed. We no longer have the same sub- 
stance as we had before: the charcoal is different from 
the match; the products formed when coal is heated are 
different from the coal; rust is different from iron. More- 
over, these changes are not reversible. 

In a chemical charge a new substance or substances are 
formed, the process is not generally reversible, and heat is 
generally given out. {Heat is sometimes taken in.) 

Try the following changes and note whether it is ob- 
vious that a new substance is formed or not, and whether 
you Can detect any heat given out, and »vhether the 
change is reversible or not. bay m each case whether it 
is a physical change or a chemical change. 

(i) Hold a couple of inches of magnesium ribbon in 

a pait of crucible tongs, and place the end in a Bunsen 
^flam^ until a change begins, * 

(ii) Add a few drops of silver nitrate solution to a 
little sodium chloride (cominon salt) solution in a test- 
tube. 

(iii) Place the test-tube and contents left after (ii) in 
sunlight or bright daylight, and leave it for several 
minutes. 

(iv) Add a few drops of potassium bromide solution 
to a little lead nitrate solution in a test-tube. 
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(v) Heat the contents of the test-tube after (iv) until 
no further change is noticed, and then let it cool. 

(vi) Measure the diameter of a penny with calipers. 
Hold it with crucible tongs in a Bunsen flame until it is 
red hot, and measure it again. Let it cool to room tem- 

• perature and measure its diameter once more. Notice 
any change on the surface of the coin. (The penny can 
be cleaned and used for its proper purpose afterwards.) 

(vii) Place a few crystals of ammonium -dichromate in 
a test-tube. Warm gently over a Bunsen flame until a 
change begins. 


MIXTURES AND SINGLE SUBSTANCES 

In chemistry we divide all matter into two classes: 
mixtures and single substances^ or pure substances. 

Let us consider something that you know to be a 
mixture, say, for example, a mixture of common salt 
and sand, which you can easily make up and examine 
for yourself, tf you look at it closely you can see the 
individual particles of salt and those of sand. If you had 
sufficient patience you could effect a separation of the 
two by picking them out by hand. You could separate 
them much more effectively by dissolving out the salt 
with water, pouring off and evaporating the solUtori, 
and drying the salt. Neither of these methods of sepa- 
ration involves chemical change. If you were to measure 
the density of the mixture and compare the result with 
that obtained in the case of another mixture of salt and 
sand, the two answers would be different: the salt and, 
the sand may be in any proportions. The mixture still 
has the sharp taste of salt and the grittiness of sand. 

Now let us consider a single substance. Common salt 
itself is a single substance. Chemists have found out 
that although common salt — or sodium chloride, to give 
it its chemical name — is really made up of two other 
welLknown single substances, sodium and chlorine, it is 
itself a single substance. If you have ever <6eeit any 
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sodium you will have observed that it is a metallic- 
looking substance, and you may know that chlorine is 
a gas. Obviously the particles of these two constituents 
cannot be seen in the salt. Each particle of salt looks 
like every other particle. You cannot separate common 
salt into sodium and chlorine by any such mechanical, 
method as can be employed in the case of a mixture; in 
order to do so it is necessary to supply energy (usually 
in the form of electricity) and effect a chemical change. 

Again, common salt has none of the properties of 
sodium ahd none of chlorine. If you were unwise enough 
ji^^to place some sodium on your tongue you would hear 
a hissing noise or a bang, great heat would be given off, 
a gas would be evolved, and a substance (caustic soda) 
would be formed, which would burn into your tongue. 
Chlorine was used as a poison gas during the 1914-18 
war. Yet every day you pile some common salt, made 
up of nothing but these two dangerous substances, on 
your plate and consume it with your food. Obviously, 
then, salt has none of the properties of the constituent 
substances which make it up, but has a set of properties 
entirely its own. 

Another important point about single substances is 
that they have each a definite set of properties. Every 
grain of salt, no matter where it comes from (provided . 
it contains no impurity) is a colourless crystalline sub 
stance having a density of 2-17 gm. per cubic centi- 
metre, and dissolving to the extent of 35*8 gm. of salt 
per 100 cx. of water at 10® C,, and it contains exactly 
39-3 ‘per cent of sodium and 60*7 per cent of chlorine 
by weight. 

Copper is another example of a single substance. Its 
particles are all'the same; it is made up of nothing but 
copper, and so the question of separation does not arise; 
it has a definite set of properties — you cannot get a 
sample of pure copper denser than* any other sample, 
or with a different melting-point, or with different 
chemical properties. 
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A mixture contains particles of different kinds; it can 
generally he separated into its constituent substances 
mechanically; its properties are the average properties of 
its constituents, 

A single substance contains particles of only one kind; 
it has a definite set of properties; if composed of two or more 
single substances combined^ it contains them in definite 
proportions by weighty and has a special set of properties of 
its own different from those of the substarices composite 
it; it ccainot be separated mechanically into its constituents. 


ELEMENTS AND COMPOUNDS 

A single substance which cannot be divided into any- 
thing simpler is called an element. There are 92 known 
elements, and everything which exists on earth is made 
up of one or more of these. Of course it may some day 
be found that a substance which we now' regard as an 
element can be split up into two simpler substances. 
This “ element ** would then be called a compound^ and 
the newly-discovered substances would be elements. 
For reasons which are beyond the scope of this book, 
however, it is unlikely that such a discovery will be made. 

A single substance that can be split up into two or 
more elements is called a compound. 

Some of the commonly-occurring elements of Which 
you may have heard are: 

Aluminium Gold 1 Ma^es^um Oxygen Sodium ^ 
Hydrogen A .Manganese^ ^Platinum Sulphur 

lodineT '^Mercury Potassiumi*^ Tih 
Iron f ' Nickel^' ^ Silicon»^\ iime 
Lead ^ ^ Nitrogen Silver iPV ^ 

On p. 14 are listed a few of the million and more chemi- 
cal compounds known, with their chemical names and the 
names of the elements of which they are composed. 

Notice that the chemical name is in most cases derived 
from the names of the elements contained in the com- 
potind. 


iiinium 
Calciunl CL 
Carbon C 
ChlorineC^ 
Copper 
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Everyday Name 


Cliemic*! Njme 


Elements Contained 


Alcohol 

Chalk 

Common salt 
Epsom salt . . 

Saltpetre .r. 

Sulphunc acid 

Sugar 

Water 


Ethyl alcohol. 

Calcium carbonate. 

Sodium chionde 
Magnesium sulphate. 

Potassnlni ^nitrate. 

Sulpithtic a4id 

Sucrose. 

Hydro^if oxide. 


Carbon, hydrogen, 
oxygen. 

Calcium, carbon, 
oxygen 

Sodium, chlorine. 

Magnesium, sul- 
phur, oxygen 

Potassium, nitio- 
gen, oxygen 

Hydrogen, sulphur, 
oxygen. 

Carbon, hydrogen, 
oxygen. 

Hydrogen, oxygen. 


Notice also that both alcohol and sugar are composed 
of the same three elements combined together. There 
are thousands of different compounds made up of carbon, 
hydrogen, and oxygen, each compound containing the 
three elements in definite proportions, but different from 
their proportions in every other such compound. But 
do not think that you can add a little more carbon and 
^ little more hydrogen to sugar and produce alcohol. 
Certain chemical changes are necessary, as the alcohol, 
like the sugar, is a compound and not a mixture. 

Some mixtures with which you are well acquainted 
are: 


Mixture 

4 

Suiffle Substances Contained 

Brass 

Ink . . 

Milk 

Paper 

The Air . . 

Copper, zinc. 

Ferrous tannate, gum, indigo, sulphuric acid, 
water. 

Water, a sugar, fats.. 

Cellulose, alum, china clay, etc. 

ITitrogen, oxygen, carbon dioxide, water 
vapour, other gases. 
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SOME METHODS FOR SEPARATING MIXTURES 

(a) A soluble and an insoluble solid 

LC^t us take as an example a mixture of common salt 
and sand. 

Place the mixture in a beaker and add water until the 
level is twice as high as that of the mixture. Place the 
beaker and contents on wire gauze on a tripod and heat 
gently, stirring with a glass rod (fig. 1). After a few 
minutes, when the mixture is fairly hot, pour Xhe clear 
liquid down the glass rod into a filter paper in a funnel 
which is resting in the neck of the flask. When the liquid .. 



Fig. 1. — Separation of Salt and Sand 


* has nearly all gone from the beaker, stir it up and pour 
the wet sand into the filter, if necessary washing out the 
beaker with a little more clean water. When the liquid 
no longer runs out of the funnel, pour it into an evaporat- 
ing basin and evaporate to dryness, heating very carefully 
at the end to avoid spluttering. Examine the white 
residue. Taste it. It is salt without any trace of sand iri it. 

While the evaporajjjon is proceeding, wash the sand 
on the filter paper by three times filling it up with pure 
water and letting it drain out. Then carefully extract 
the filter paper fro^ the funnel and spread it out on an 
upturned tin, such as a treacle tin, and warm the air in 
the tin with a small Bunsen flame. Care must be tpken 
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not to have the tin so hot that the paper chars. Soon the 
sand will be dry. Look if you can see any salt in it. 
Place a little on your tongue and notice if any salt can 
be tasted. It is sand without any trace of salt in it. 

(b) Two soluble solids 

Two methods may be mentioned here, but you will 
not be required to carry them out yourself. They are 
fractional crystallization and sublimation. 

Fractional crystallization takes advantage of the fact 
that although each of the substances is soluble in water, 
the solubility of one is sure to differ from that of the 
other. So when a solution is made 
and evaporated, one will crystallize 
first. The process has to be repeated 
several times to effect a good separa- 
tion, and it is laborious and needs 
very great care. 

Sublimation is a good method with 
certain substances. It is employed 
where one of the constituents of the 
mixture sublimes, that is, changes 
Fif? 2. — Sublimation directly from solid to vapour on heat- 
ing, without going through the liquid 
stage. The two substances with this property that you 
fire likely to come across are ammonium chloride (sal 
ammoniac) and iodine. A mixture of, say, common 
salt and sal ammoniac is placed in an evaporating basin, 
a piece of filter paper (perforated by pushing a piece of 
glass rod through it a number of limes) is placed over the 
basin, and a filter funnel is inverted over it. On heating, 
the sal ammoniac will sublune and the vapour will turn 
again to solid on the top of the perforated filter paper 
and on the cool sides of the funnel. The salt will, of 
course, remain in the basin (fig. 2). 
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(^) Magnetic separation 

This is used in industry. The powdered mixture is 
allowed to fall between the poles of a powerful magnet, 
an<f any magnetic substances are deflected, so that they 
^and the non-magnetic substances fall into two heaps. 

{d) Sedimentation 

This is generally used for separating metallic ores from 
rock, as, for example, in the washing of gold. '^Fhe 
crushed material is submitted to a stream of water. The 
rock particles are washed away and the denser particles 
of metal, or metallic ore, sink. 

Win|nowing is another example of this principle used 
in practice. A lighter powder can be separated from 
a heavier one by blowing air over the mixture. 

{e) Separation of two immiscible liquids 

A separating funnel is used for this purpose. A 
mixture of, say. oil and water is poured into a separating 
funnel held vertically in a clamp 
(fig. 3). The surface between the 
two liquids can readily be seen. 

The denser water is allowed to 
run out of the funnel by opening 
the tap until it has nearly all gone 
through. The remainder and the 
first few drops of the lighter oil 
are generally allowed to run to 
waste, and then the lighter liquid 
is run off into another vessel. It 
is not possible to effect a perfect 
separation by this method, as gen- 
erally a little of each liquid will 
dissolve in the other: the water 
will contain a small quantity of oil 
dissolved in it, and the oil will contain a little dissolved 
waters 

(»W8) » 





Fig. 3. — Separating . 
Funnels 
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(/) Separation of two miscible liquids {fractional 
distillation) 

The mixture i*? heated in a flask and the constituent 
liquids will boil at different temperatures. Their vapours 
are made to condense, and the liquids are collected 
separately. A Liebig’s condenser is generally useef 
(fig. 4). It consists of a central tube leading from the 
flask to the receiving vessel. This tube is surrounded by 



a glass jacket through which cold water is circulated.^ 
Commercially much more elaborate constructions are 
'used. Petroleum is separated in this way into a large 
number of fractions, producing oils useful for different 
purposes, from aviation spirit (boiling-point 40® C to 
70® C.) to fuel oil (boiling-point 250® C. to 350® C.) 
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QUESTIONS 

L.What do you understand by physical change and chemical 
change} Describe three physical changes and three chemical 
phanges with which you are familiar, and say why you con- 
sider each change to be physical or chemical. 

2. Say whethei each of the following is a chemical change 
or a physical change. Give your reasons. , 

(a) Salt gets wet when exposed to moist air. 

(&) Iron rusts when exposed to moist air. 

(c) Sugar dissolves in water. 

(d) Health salt *’ dissolves in water. 

{e) Spring cabbage grow rapidly when the ground is treated 
with nitrate of soda. 

(/) When an egg is boiled the yolk and white go firm. 

3. What are the differences between a mixture and a single 
substance? 

Give three reasons for supposing air to be a mixture and 
three for supposing water to be a single substance. 

4. How would you obtain samples of pure salt and pure 
chalk from a mixture of the two^ 

6. How would you separate a mixture of salt, sand, and sal 
ammoniac into its constituent parts? 

6. Describe a separating funnel and a Liebig's condenser, 
and explain the use of each. 

7. Explain the difference between an element and ^ com- 
pound. 
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BOYLE’S LAW AND CHARLES’ LAW 

There are^two gas laws of great importance to the 
chemical worker; they are known as Boyle’s Law and 
Charles’ Law. 

You will come across many quantitative experiments 
in chemistry where the result depends upon the volume 
of a gas collected in a measuring tube. Now, suppose 
you did such an experiment on Monday when the weather 
was cold and crisp, i.e. when the air temperature was 
low and the air pressure was high. You would collect, 
let us say, 53 c.c. of gas. But if you had done this 
experiment on Wednesday instead of Monday, when the 
weather was close and warm, i.e. when the air tempera- 
ture was higher and the air pressure lower, you would 
have found that the volume of gas collected was consider- 
ably greater, perhaps 56 c.c. ; this even though the condi- 
tions and quantities taken in the experiment were precisely 
the same as before, the only difference being the different' 
•weather conditions. 

When a chemist working in industry does an experi- 
ment of this type, his small laboratory quantities are 
a sample of perhaps many tons of materials used in his 
industrial works, and so a small change in atmospheric 
conditions means a very laige difference in whatever the 
sample represents. 

There are two causes oi this change in the volume of 
a gas: one is pressure, the othe;* temperature. Let us 
take them separately. 


so 
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Effect of pressure on the volume of a gas 

If you pull out the handle of a cycle pump, place 
your finger over the hole at the other end, and^chen push 
the liandle in, you find that as you increase the pressure 
,on the trapped air the volume diminishes. Or you might 
say that as you decrease the volume of the gas, the 
pressure increases — you can feel it pressing back with 
increasing force as the volume is diminished. That is, 
the greater the pressure the smaller the volume, and the 
smaller the pressure the greater the volume. Even the 
small change in the pressure on a gas due to a change of 
weather conditions causes an appreciable difference in 
its volume. This relation between pressure and volume 
of a gas is ^iummed up in a law discovered by Robert 
Boyle in 1662 , 

Boyle’s Law 

At constant temperature the volume of a gas varies 
inversely as the pressure on it. 

That is, if the pressure is doubled the volume is halved ; 
if the pressure is only a third of what it was betore, the 
volume is three times the original volume. When two 
quantities vary in this way, i.e. inversely, their product 
•js constant. We can therefore represent the law by 

P X V = constant, or PiVi = P2^^2» 

wljere Pj and Vi are the pressure and the volume* 
rfespectively under certain conditions, and Pg and Fg 
those under new conditions. 

Example. — A gas is found Jk> have a volume of 67*6 jc.c. 
when the pressure is 74-4 cm. of mercury. "What will jhe 
volume bo when the pressure is 76 era.? 

i.e. 74-4 X 57*5 =* 76 K*. 

I', = - C.C. 

sat 56*4 C.C. 
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The pressure 76 cm. of mercury is called standard 
pressurcy and we always express the volume of a gas as 
the volume it would occupy under standard pressure. 

Effect of temperature on the volume of a gas 

You doubtless know that it is a general rule that when 
a substance is heated it expands and when it is cooled 
it contracts. This expansion and contraction is different 
for different solids and liquids, but it is found that all 
gases expand and contract to the same extent under the 
same changes of temperature. The coefficient of ex- 
pansion of all gases is 2 ^. This fact is embodied in what 
is known as Charles* Law. 

Charles’ Law 

All gases expand by of their volume at 0^ C. for each 
degree C. rise of temper aturey provided they are maintained 
at constant pressure. 

That is, if is the volume at f C. and is the 
volume at 0° C., 



To make the calculation quicker, and for other reasons, 
we set up a new scale of temperature, called the 
Absolute Scale^ in which the temperature is the Cen- 
tigrade temperature + 273, i.e. t + 273. E.g. 0® C. 
= 273* A., 10° C. = 283° A., - 10° C. = 263° A., and 
-273° C. = 0° A. 

Our last equation above now becomes 

273’ 


V, 
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where T is the temperature on the absolute scale. 

The volume at 0"^ C., i.e. Fq, is constant for a given 
mass of gas, and 273 is, of course, a constant, and so 
Vt=- a constant X T, or is proportional to T. 
Charles* law may then be expressed : 

, For a given mass of gas at constant pressure the volume 
varies directly as the absolute temperature. 

When two quantities vary directly, the quotient of 
one divided by the other is constant, and so we may 
write Charles* law as 


Vr 

T\ 



Example. — A gas has a volume of 75*6 c.c. when the 
temperature is 15*^ C. What will be the volume when the 
temperature is 0° C., the pressure remaining constant? 


(Kemember that Tj and Tg are in absolute units.) 

76^^ Fg 
288 273' 

, „ 76-6 X 273 


288 
71-6 C.C. 


c c. 


0° C., i.e. 273° A., is called standard temperature y and 
we always express the volume of a gas as the volume 
it would occupy at standard temperature. 


The Gas Equation 

We now have two laws, Bojle’s and Charles*, by 
which we can, if we have a certain volume of gas col- 
lected under any conditions of temperature and pressure, 
calculate what volume it would occupy under standard 
conditions of temperature and pressure, i.e. 0° C. and 
76 cm. Standard Temperature and Pressure is generally 



24 


BOYLE’S LAW AND CHARLES’ LAW 


written S.TiP., sometimes N.T.P. (Normal Temper- 
ture and Pressure), 

Boyle*s law says that when the temperature is constant 
the volume varies inversely as the pressure. 

Charles’ law says that when the pressure is constant 
the volume varies directly as the absolute temperature. , 

It is convenient to combine these two^^^ which can 
then be stated as follows : 

When both Hhe temperature and the a gas are 

charged, the volume varies inversely as the pressure and 
directly hs the absolute temperature. 

It may be written as 


Example. — In an experiment a gas was collected and 
found to have a volume of 63*7 c.c. The temperature of the 
laboratory was 15-5® C , and the atmospheric pressure was 
74*7 cm. What volume would the gas ocCLipy at S T.P. r* 

r, - r; ’ 

74-7 X 63^7 ^ 76Fj 
288-6 273 ^ 

, 74-7 X 63-7 X 273 

fsWx-W “ 

•- 59*23 c.Ca 
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QUESTIONS 

1. •Stale Boyle's law and Charles' law. Why are they im- 
portant m chemistry? 

• 2. What is meant by (a) Absolute scale of temperature, 
{b) Standar^^teiperature and Piessure? 

3. A gas ^^^Hjrolume of 55*0 c.c. when the pressure is 
774 mm. WS|^^iil be its volume at 760 mm! pressure, the 
temperature regaining the same? 

4. A gas volume of 74*6 c.c, when the pressure is 

749 mm. What pressure will be necessary to compress the 
gas to ^'c.c., the temperature remaining constant? 

\5^ When the temperature is 12° C. a gas has a volume of 
50^0 c c What will be its volume when the temperature is 
20° C., the pressure being unchanged? 

gas has a volume of 47*3 c.c. when the temperature is 
15° C. If the pressure is kept constant, at what temperature 
will the gas have a volume of 100 c.c.? 

7. In an experiment a gas collected is found to have a 
volume of 39*4 ( .c. The air temperature is 13° C. and the 
barometer reads 742 mm.^ Calculate the^vQlume of the gas 
..S T P, 1^1-= '43 . -- ^ 

gas has a volume ot 55 c.c. when the temperature is 
10*5° C. and the pressure is 77^ mm. If the temperature rises 
to 15° C., what pressure will be needed to compress the gas 
•to 4a d.c.? ^ -- 

9. A gas measures 48*5 c.c. at ST.F. When the pressure is 
743 mm. the gas is found to nave a volume of 60 c.c. Wliat 
is then the temperature? 
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THREE QUANTITATIVE CHEMICAL LAWS 

The Atomic I'heory, which we shall soon be discuss- 
ing, is a reasonable explanation of the way in which 
matter is made up, and the way in which chemical sub- 
stances change. It is based upon definite facts that are 
well known and can at any time be verified in the labora- 
tory. These facts are expressed in what arc known as 
laws:, 

A law is a general statement that expresses a number 
of different but connected facts. We can now examine 
three laws that will help us to understand the atomic 
theory. 

The law of conservation of matter 

Matter cannot he created or destroyed in any chemical 
change. 

This means that never has any scientist found, if he 
were able to make accurate measurements, that he* 
finished up with the slightest amount more or the 
slightest amount less matter than he started with. This 
is not always obvious. When a candle burns it may 
seem that matter is destroyed, but if the total weight of 
the catidle and the air used up in its burning is compared 
with the total weight of the solids, liquids, and gases 
formed by the burning, the two totals are found to be 
exactly the same. 

Weight of part of Weight of part of 

‘ ' candle used air used 

Weight of Weight of Weight of 
« soot, etc , -f- watei vapour -h gases 
formed formed formed . 


2 » 
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Experimental verification of the law of conser- 
vation of matter. — (This is most conveniently done 
in cases where liquids and solids are used and formed. 
Where gases are concerned it is a 
little more difficult, but it can be 
done nevertheless.) 

Take two liquids A and B which 
you know to react chemically with 
one another (see Chapter II, p. 10), 
and put one in a small test-tube and 
the other in a conical flask (fig. 5), 

Place the test-tube in the flask, keep- 
ing it upright with a piece of cotton. 

Fit the flask tightly with a rubber 
stopper. Weigh the flask and con- 
tents. Now tilt the flask and allow 
A and B to mix. You will notice that 
a chemical change takes place. After 
the change is complete, let the flask 
and contents cool, and weigh again. 

You will find that there is no change in weight what- 
ever. 



of the Law of Con- 
servation of Matter 


i.e. Wt, of flask, etc. + wt. of A -f wt. of B 

= Wt. of flask, etc. + wt. of new substances formed. 

Wt, of A -f wt. of P 

= Total weight of new substances forAied. 

Substances A and B which can conveniently be used 
for this experiment, together with the names of the new 
substances formed, are , 

(1) Siliir nitrate , sodium chlcJride 


lil4r 
(solution) 


+ 


(solution) 
silver chloride 
, (insoluble solid) 

(2) Barium chloride . sulphuric acid 
(solution) (solution) 


+ 


sodium nitrate 
(solution) 


barium sulphate , hydrochloric acid 
' (insoluble solid) (solution) 
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(3) Lead nitrate ^ potassium bromide 


(solution) 


(solution) 

lead bromide , potassium nitrate 
(insoluble solid) (solution) 


(4) Copper sulphate sodium hydroxide 


(solution) 


t 

(5) Bright iron nail 
(solid) 


(solution) 


copper hydroxide , sodium sulphaie 
(insoluble solid) (solution) 

, tap water 
(liquid) 

unchanged + 


No. 6 should be left for a week between weighings, and the 
test-tube can be dispensed with. (It is chiefly the air dissolved 
in the tap water that causes the rusting. See p 260.) 


The law of constant composition (also called the 
law of definite proportions) 

In any chemical compound the elements are combined 
together in definite proportions by weight. 

If you were to analyse accurately some sodium chloride, 
you would find that every hundred parts by weight of the 
salt was made up of 39*3 parts of sodium and 60*7 parts of 
chlorine. You could not possibly get salt containing a' 
little more sodium or a little more chlorine than any other 
sample of salt. The same result would be obtained no 
matter what the source of the salt, provided that you 
started with a pure sample. It could be from a Cheshire 
salt 'mine, from the Dead Sea, or made in the laboratory 
from hydrochloric acid an,d sodium hydroxide, or by 
burning sodium in chlorine gas. 

Expe^mental verification of the law of constant 
composition. — We may analyse three samples of 
black copper oxide obtained by different methods. 

{a) Heat a little copper carbonate ih a crucible for some 
time and allow the black powder formed to cool in a 
desiccator. Call this copper oxide Sample A. 



LAW OF CONSTANT COMPOSITION 2d 

(6) Add concentrated nitric acid carefully to a few 
small pieces of copper in a crucible placed in a fyme 
cupboard. When no more brown fumes are given off 
on adding a drop more of the acid, evaporate the green 
substance to dryness and heat the solid (copper nitrate) 
until no more fumes are evolved and a black solid (again 
copper oxide) is left. Let this cool in a desiccator, and 
call it Sample B. 

(c) Take a sample of pure copper oxide from the 
bottle, heat it strongly, and put it with the other samples 
in a desiccator, and call it Sample C. 

Three porcelain boats are needed to hold the three 



Fig. 6. — Verification of the Law of Constant Composition 


samples of copper oxide. These should be heated in a 
stream of coal gas in a hard glass tube, the gag being 
burned at the upturned jet (fig. 6). After a while they 
should be allowed to cool a little where they are, and 
then finish cooling in the desiccator. When cool, e^ch 
boat is weighed, a sample of copper oxide is placed in 
each, and the boat is weighed again. 

The three boats are now introduced carefully into the 
hard glass tube ; coal gas is ptessed over (burnt as before 
on leaving the tube) and the boats are heated from below 
by means of a Bunsen burner held in the hand. Each 
boat is heated for a minute after a glow is noticed and a 
brown powder of copper is formed. The boats are allowed 
to cool with the gas still passing over, and then weighed 
again. 
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Tabulate your results as follows : 



Sample A 

Sample B 

Sample C 

Wt. of boat empty . . 

Wt. of boat -f- copper oxide 
Wt. of boat 4 copper 

7*49 gm. 
10-16 gm. 

9 61 gm. 


« 

« 


Calculation: 

Sample A. 

Weight of copper oxide = 2*66 gm. 
Weight of copper = 2*12 gm. 

Percentage of copper \ _ 2*12 x 100 
in the copper oxide | 2^ 


79-7 per cent. 


Repeat the calculation for samples B and C. You 
should get the three answers approximately the same, 
namely, about 80 per cent of the copper oxide is copper. 

If every precaution were taken to ensure absolute 
purity of substance and accuracy of measurement the 
results would be identical, and so we should see that in 
each sample of copper oxide, no matter what its origin, 
the elements copper and oxygen are combined together 
in definite proportions by weight. 

This> then, illustrates the law of constant composition. 


The law of multiple proportions 

If two elements combine together in more than one way 
to form more than one compound^ then the weights of one 
whichy separately y combine with a fixed weight o/ the other y 
are in a simple ratio. 

You may not grasp th€ meaning of this law imme- 
diately^ as it is difficult to express it simply in a few 
words. However, read it carefully several times and when 
you4iave understood its meaning learn it by heart; you 
nfay find it difficult to express clearly your own words 
in the heat of an examination. 

This will help you to see its meaning: copper, as you 









LAW OF MULTIPLE PROPpRTIONSr , SI 

may have noticed from the bottles o4 the shelwS, 
two oxides, one black and one red. Now, if jfod ^ere tct 
analyse each by the method used in the Iasi experimetit 
and work out in each case how much oxygen combines 
with *3 fixed weight — say 1 gm. — of copper, you would 
find that the weight of oxygen in the case of the black 
oxide is exactly twice that of the oxygen in the red oxide. 

That is, in the wording of the law of multiple propor- 
tions, the weights of oxygen which, separately, combine 
with a fixed weight of copper are in the ratio of 2 : 1, 
Verification of the law of multiple proportions. 
— We may use these two oxides to verify this law. 

Weigh two porcelain boats and then weigh each again 
with some of the black oxide in one and some of the red 
oxide in the other. Place the boats in a hard glass tube 
and heat in an atmosphere of coal gas as in the previous 
experiment. Allow them to cool with the gas still pass- 
ing over, and weigh again. 

Tabulate your observations as follows: 



Black Oxide 

lUd Oxide 

Weight of porcelain boat empty 

7-49 gm. 

gm. 1 

Weight of boat copper oxide . . 

9-02 gm. 

12-12 gm. 

Weight of boat + copper . . 

9*19 gm. 

11-69 gm. 


Calculation: 

Blcick oxide. 

Weight of black oxide = 2-13 gm 
Weight of copper in oxide = 1-70 gm. 
Weight of oxygen in oxide - 0-43 gm. 

i.e. 1*70 gm, of copper combine with 0*43 gm. of oxygen 

0*43 

1 gm. of copper combines with ^ gm. of oxygen 

*253 gm. of oxygen. 
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Red oxide 

Weight of red oxide = 3-86 gm. 

Weight of copper in oxide = 3*43 gm- 
/. Weight of oxygen m oxide -= 0*43 gm. 

i.e. 3 43 gm of copper combine with 0*43 gm. of o\ygcn. 

/. 1 gm of copper combines with gm. of oxygen 
= *126 gm. of oxygen. 

It is thus found that, within the limits of experimental 
error, the result in the first case is twice that in the second. 

We very often find this ratio of 2:1, but it is not 
necessarily so. You will come across examples where the 
ratio is 2 : 3 or 3 : 4, and so on. Also you will find cases 
where two elements combine in more than two ways. 
Nitrogen and oxygen, for example, form no less than 
five different oxides of nitrogen, and it is found that the 
weights of oxygen which, in each case, combine with a 
fixed weight of nitrogen are in the simple ratio of 
1 : 2 : 3 : 4 : 5. 

Work out every example on this law, and you will 
thoroughly grasp its meaning. It is necessary to do so, 
as it is of very great importance in chemistry. 
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QUESTIONS 

1. State the law of conservation of matter. How would 
you proceed to verify it in the laboratory? 

• 2. State the law of constant composition Explain how 
you would demonstrate its truth in the case of black copper 
oxide. 

3. Three samples of water were found to havef the following 
composition by weight: 

(1) oxygen 12-72 gm., hydrogen 1-67 gm. ; • 

(2) oxygen 22-25 gm., hydrogen 2-75 gm. ; 

(3) oxygen 9*89 gm., hydrogen 1*22 gm. 

Show how these figures serve to verify the law of constant 
composition. 

4. State the law of multiple proportions and describe an 
experiment to verify it. 

-ifi. Three oxides of nitrogen are found to have the following 
percentages by weight of oxygen: (i) 69-4 per cent, (ii) 63-3 
per cent, (iii) 36*4 per cent. 

Show that these figures verify the law of multiple pro- 
portions. 

Nfi*. Two chlorides of chromium have the following com- 
position by weight: 

(i) chromium 42*31 per cent, chlorine 67*69 per cent . ; 

(ii) chromium 32*82 per cent, chlorine 67*18 per cent. 

• Show that these figures may be made to illustrate the law 
of multiple proportions. 

7. Three oxides of lead contain 7*17, 9*34, and 13*37 per 
ceht^f lead respectively. Show that these figures are in agree- 
ment with the law of multiple proportions. « 


. ( 99 $$) 
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THE ATOMIC THEORY 

In the history of chemistry there have been many 
vague theories to explain the nature of changes that 
matter is seen to undergo, and to explain the construction 
of matter itself. Some, due to the Greeks, closely re- 
sembled our present ideas as expressed in Dalton's 
atomic theory. But the theories of the ancient Greeks 
were never subjected to experimental test ; they despised 
such work, and so a theory was supported or opposed 
without experimental evidence on either side. 

Aristotle, one of the most famous of Greek philo- 
sophers, who died more than 300 years B.c., opposed 
the idea which had been put forward that matter was 
composed of minute indivisible particles (atoms), believ- 
ing th^t all matter was made up of the four “ elements 
earth, air, fire, and water. His influence was so great that 
his ideas survived for many hundreds of years after his 
death. 

We can say that, as a reasonable explanation of known 
and tested facts, the atomic theory was due to the school- 
master-philosopher John Dalton (1766-1844). He had, 
of course, read of the ancient Greek theories, and he 
knew and had tested the law of conservation of matter. 
He discovered by careful experiment the law of constant 
composition. As a result he formulated his atomic theory. 
Then he went a stage farther, and deduced a new law ' — 
the law of multiple proportions — from his theory* 
Having deduced it theoretically, he proceeded to test it 
by experiment, and he found it to be true. This is radier 
unusual, for laws are generally made from a consider* 

H 
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ation of Imown facts; in this case the law was deduced 
and found to be true afterwards. 

The atomic theory can be summarized as follows: 

(i) All matter is composed of minute indivisible par- 
ticles’ called atoms. These atoms cannot be created or 
destroyed. 

(ii) All atoms of any one element are identical in every 
respect, the most important respect being their weight, 

(iii) The atoms of any one element are different (par- 
ticularly in weight) from those of any other element. 

(iv) When elements combine to form a compound, 
they do so by a union of atoms in simple small numbprs. 
For example, one atom of element A will coijabine with 
one of B, or two of A with one of B, or two of A with 
three of B, and so on. These groups of atoms, forming 
a unit particle of a compound, are called molecules. 
Dalton called them “ compound atoms 

(v) All the molecules of any one compound are iden- 
tical in every respect, and are different from the mole- 
cules of any other compound, even if that compound is 
composed of the same elements as the first. 

It must be noted here that, although the term “ inole- 
cule ” is used to describe the smallest part of a compound 
formed by the union of atoms of different elements, the 
word is also used to describe the smallest part of any one 
element. This is because we find that elements generally 
exist as pairs of atoms, or with their atoms in groups of 
three or more. So two or more atoms of the same element 
vnll unite to form what is known as a molecule of that 
element. If an element exists in single atoms, and not 
in pairs, etc., then its molecule is the same as its atom. 

We usually define atoms an& molecules' thus: 

On atom is the smallest part of an element that can take 
pm in chemical change. 

A molecule is the smallest pm of an element, or com- 
pound that can exist separate^l^ 

Now let us see how the atomic theory as above ex- 
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pressed agrees with the three quantitative laws discussed 
in the last chapter. 

1. The law of ocmaerviitiofi of matter 

Atoms being indivisible and indestructible, and chem- 
ical change being merely a regrouping of atoms, therf 
can be no loss or gain of weighty ^ 

2. The law of constant composition 

Consider a compound made up of elements A and B. 
According to the atomic theory, A and B have each a 
set of atoms, all A atoms being identical, and all B atoms 
being identical, and those of A different from those of B. 

Suppose each A atom weighs x units, and each B atom 
weighs y units. 

According to the atomic theory a simple small number 
of A atoms combine with a simple small number of B 
atoms to form the AB molecule. We will suppose 2 
atoms of A unite with 3 of B. Then the weights of A 
atoms and B atoms combining to form one molecule of 
the AB compound are 2x and 3j respectively. 

Now suppose ten million million molecules of the AB 
compound are formed. (This will form a small speck of 
the compound.) These will be made up of 2x weight- 
units of A and 3y weight-units of B for each molecule^ 
and so the ratio of A to B by weight combining to form 
the compound will be 

10,000,000 X 2x : 10,000,000 x3y=2x: 3y. 

Similarly, if fifty million million molecules or any 
other number were formed, the ratio by weight of A to 
B#combining to fonn the compound would be the same, 
namely 2x : 3y. 

As all molecules of any one compound are identicali 
no matter how the compound is prepared, or what 
source, so long as it is the pure compound^ its 
stitu^t, elements will be in the same proportion 
This is the law of constant composition* 
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3. The law of multiple pv^^rtions 

If A and B combine together in more than one way 
to form more than one compound, according to the 
atomic theory each different AB compound will contain 
a simple small ratio of A and B atoms, different from the 
ratio of the atoms in the other AB compoapds. 

For example, one may consist of 1 atom of A com- 
bined with 2 atoms of B, and the other of 2 atoms of A 
combined with 3 of B. 

(As we shall see later, the formulae of these compounds 
would be written ABg and A2B3 respectively.) 

two molecules of ABg would consist of 2 atoms of 
A and 4 atoms of B, and one molecule of AgBj would 
consist of 2 atoms of A and 3 atoms of B. 

The A atoms all weigh the same, and the B atoms 
all weigh the same; 

the weights of B which separately combine with 
the same weight of A (the weight of 2 atoms) are in the 
simple ratio of t : 3. 

i^d multiplying several million million times as 
before, we get the same ratio. So the law of multiple 
proportions follows from the atomic theory. 


QUESTIONS 

1, State the law of conservation of matter, and show how 
it necessarily follows from the atomic theory. 

^ What is meant by the terms atom and molecule} Explain 
how atom can. only refer to elements, but molecule to both 
elements and compounds. • 

Write an account of the atomic theory. How does it 
exffmin the law of constant composition? 

4. State the law of multiple proportions, 4nd show how it 
must be true, assuming the atomic theory to be correct. 
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EQUIVALENT WEIGHTS 

Tll« law of reciprocal proportions 

• ITiis Jaw was stated by Richter in 1792, some years 
before Dalton published his atomic theory. You will 
readily see that it is in agreement with the theory — in 
fact, it is to be expected if the theory is true. It may 
be expressed thus: 

If an element combines with a number of other elements^ 
the weights of those elements whizh separately combine with a 
fixed weight of the first are the weights in which they com- 
bine with one another y or simple multiples of those weights. 

This law, like the law of multiple proportions, may 
seem somewhat complicated and difficult to understand 
at first, but it is really quite straightforward. J'ollow the 
example below, and then learn the law by heart. 

Oxygen is found to combine with chlorine, hydrogen, 
and nitrogen to form chlorine monoxide, water, and 
nitrous oxide, respectively. The weights of these three 
elements which separately combine with the same weight 
(IQ gm.) of oxygen are : 

chlorine^ 71 gm.; hydrogen^ 2 gm.; nitrogen, 28 gm. 

Now, chlorine combines with hydrogen to form 
hydrogen chloride, and the proportions of these two 
elements 'combining are found to be: 

' chlorine, 71 gm., with hydrogen, 2 gm. 

Also, hydrogen combines with nitrogen to form am- 
monia, and the proportions are found to be: 

hydrogen, 6 gm. (= if X 2), with nitrogen, 28 gm, 

St 
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Further, nitrogen combines, with chlorine to form 
nitrogen trichloride, and the combining proportions of 
these elements ‘Tire found to be: 

nitrogen, 28 gm., with chlorine, 213 gm. (= 3 x 71). 



Fig. 7. — Combining Weights ot Oxygen, Chlorine, Hydrogen, 
and Nitrogen 


The above facts may be expressed in a diagram 
(fig, 7), the rings showing thb four elements considered, 
and the rectangles showing the compounds formed. 
The numbers on the arrows indicate the proportions by 
weight in which the elements combine. 

The law of reciprocal proportions applied not only to 
combination between two or more elements, but to wery 
type, of chemical change there is; the reacting wei^ts 
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are definite and equivalent where compounds are con- 
cerned as well as elements. 

For example, if some pieces of zinc are added to dilute 
sulphuric acid, the zinc is seen to dissolve and a gas, 
hydrogen, is given off. It is found that 32*6 gm. of zinc 
require 49 gm. of sulphuric acid (without the water^ 
which does not change) to dissolve the zinc completely. 
If more acid than this is present, there will be some left 
over; if mo»e zinc is added, 32*6 gm. of it will dissolve 
and the rest will be left over. The weight of hydrogen 
given off is found (by measuring the volume and calcu- 
lating from the density) to be exactly 1 gm. 

Other met;als will turn out hydrogen from dilute 
sulphuric acid, and in each case 49 gm. of sulphuric acid 
will give 1 gm. of hydrogen, and a definite weight of the 
metal will be needed. For example, if magnesium is 
usdd, 12 gm. are required. 

Moreover, if these weights of metals are dissolved in 
dilute hydrochloric acid instead of sulphuric acid, 1 gm. 
of hydrogen is evolved. The weight of hydrochloric acid 
used in each case is 36*5 gm. 

Also 8 gm. of oxygen are found to combine with 
32*5 gm. of zinc and 12 gm. of magnesium respectively. 

Thus it may be said that 1 gm. of hydrogen is equiva- 
lent to 8 gm. of oxygen, and to 32*6 grn. of zinc, 12 gm- 
of magnesium, 49 gm. of sulphuric acid, and 36*5 gm. 
of hydrochloric acid. 

This may be expressed by the diagram of fig. 8, 

definition of equivalent 

The equivalent weight of an element or a compound is 
the weight of that eluent hr compound that will combine 
with or displace or otherwise completely react with one part 
by wei^t of hydrogen, eight parts by weight of oxygen, or 
the equivalent weight of any other element or compomd. 

In the examples cited above the weights have all been 
given in grammes. This is merely for convenience; 
there is no unit for the equivalent weight of a substance, 
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The proportions are the same whether the substances are 
measured in ounces or tons. We often, however, have 
to express the equivalent weights in grammes, and this 
quantity is called the gramme-equivalent of the substance. 

It is to be noted that as an element may combine with 
another element in more than one way, it may have 



Fig. 8. — Equivalent Weights_ of Hydrogen, Oxygen, Zinc, 
Magnesium, Sulphuric Add, and Hydrochloric Add 


more than one equivalent. The Law of Multiple Pro- 
portions says that when an element does so, the weights 
o^ it which separately combine with a fixed weight of the 
other are in a simple ratio, and so it follows that the 
different equivalents of an element are simple multiples 
of the smallest one. Thus copper foms two compounds 
with oxygen, in which 8 parts by weight of oxygen com- 
Wne with 32 and 64 oarts by weight of cop^r respec- 
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tively. The equivalents of copper are, then, 32 and 64 
(= 2 X 32). 


EQUIVALENT WEIGHTS OF COMPOUNDS 

« 

The equivalent weights of compounds were recognized 
first by Cavendish when, in 1766, he showed that th^ 
ratio of the weights of two acids which were needed to 
neutralize the same weight of one alkali was the same as 
the ratio of the weights of those acids which neutralized 
the same weight of another alkali. The question of 
equivalent weights of compounds, and particularly those 
of acids and bases, is very important for volumetric 
analysis, and you must understand it before being able 
to perform such analyses. 

We know that hydrochloric acid consists of 36-5 parts 
by weight of chlorine combined with 1 part by weight 
of hydrogen. Hence the equivalent weight of hydro- 
chloric acid is 36-5, as this weight contains 1 part by 
weight of hydrogen. 

We also know that 40 parts by weight of sodium hy- 
droxide contain 1 part by weight of hydrogen, so that the 
equivalent weight of sodium hydroxide is 40. 

We also know by experiment that 36-5 gm. of hydro- 
chloric acid exactly neutralize 40 gm. of sodium hydroxide. 

•Now if the equivalent weight in grammes of an acid 
is dissolved in a fixed volume, say 1 litre, of water, 
and the equivalent weight of an alkali is similarly dis- 
solved in 1 litre of water, then 1 litre of the acid will just 
neutralize 1 litre of the alkali, and so any volume of the 
acW ^ill just neutralize the same volume of the alkali. 
Solutions made up in suCh a way are called standard 
solutions^ and the standard solutions generally used are 
hormal or decinormal solutions. 

A Normal Solution (N) contains the gramme-equivalent 
in 1 litre of solution. 

A Decinormal Solution (N/10) contains one-tenth of 
the gramme-equivalent in 1 litre of solution. 
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It is clear that the strength of an alkaline (or acid) 
solution may be found by measuring how much of a 
standard solution of acid (or alkali) is needed to neutralize 
it. 

METHODS OF DETERMINING EQUIVALENTS 
. OF METALS 

We may mention four methods by which equivalents 
of metals can be found experimentally. 

Method 1. — This applies to a metal wJiich dissolves 
in a dilute acid or alkali with the evolution of liydrogen, 



Fig. 9. — Equivalent of Metal by Displacement of H^^drogen 

e.g. zinc, iron, magnesium, and calcium, all of which 
displace hydrogen from cold dilute sulphuric acid; and 
aluminium, which dissolves ^n hot dilute -hydrochloric 
acid or hot sodium hydroxide solution. • • 

About 1 gm. of the metal is weighed out accurately 
mto a small test-tube. A conical flask contains the dilute 
acid or the sodium hydroxide solution (fig. 9). A de- 
livery tube leads to a Winchester quart not quite full of 
water* Another delivery tube leads from beneath the 
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surface of this water to a measuring cylinder, via a pinch 
clip as shown. The apparatus is first tested to see that it 
is air-tight. The pinch clip is opened and a few cubic 
centimetres of water arc seen to flow into the measuring 
cylinder and then stop, if there is no leakage. If vfrater 
continues to drip, the stoppers must be seen to, and the 
apparatus tested again. When it is certain that the appa- 
ratus is air-tight, the volume of water in the cylinder is 
noted. The small test-tube is now allowed to fall, when 
the metal and acid will come into contact and hydrogen 
will be evolved. The gas goes into the Winchester and 
displaces its own ■ volume of water into the measuring 
cylinder. Heat may have to be applied to the flask, as in 
the case of aluminium and dilute hydrochloric acid. 

When the action has finished and the apparatus has 
cooled down to rpom temperature, the water levels in the 
bottle and cylinder are equalized by raising or lowering 
the cylinder, the pinch clip is closed, and the volume of 
water in the cylinder is measured. The volume previ- 
ously there is subtracted, and this gives the volume of 
the hydrogen displaced from the acid by the metal. The 
temperature of the laboratory is now recorded, as is the 
pressure of the air, and the volume of gas obtained is 
corrected to S.T.P. The equivalent is calculated as follows 

I 

1*18 ^m. of zinc, when dissolved in dilute sulphuric acid, 
displac& 424 c.c. of hydrogen. The atmospheric temperature 
and pressure were 12'* C. and 753 mm. respectively. 

Volume of hydrogen at S.T.P. = ® 

.= 402’4 c.c. 

But 1 c.c. of hydrogen is loiown to weigh 0*00009 gm. 

Weight of hydrogen *= 402*4 x *00009 =« *03622 gm. 
i.e. *03622 gm. hydrogen is displaced by 1*18 gm. zinc. 

1*18 

/. # gm. hydrogen is displaced by .-jjggg ** 32*6 gm. zinc, 
i.e. Equivalent of zinc 32*6. 
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Method 2. — In this method the equivalent is found 
by determining what weight of metal combines with 
8 parts by weight of oxygen. It is particularly used in 
the case) of copper, tin, and lead. 

The inetal is dissolved in nitric acid, which gives 
fopper^nitrate, tin oxide, and lead nitrate respectively. 
\^ere the nitrate is formed, heating decomposes it, 
forming the oxide. Details of the method are as follows : 

Weigh out into a clean porcelain dish not more than 
1 gm. of the metal, say copper. Add concentrated nitric 
acid drop by drop until the violent action *stop5 and no 
more red fumes are evolved. Heat the residue,, which* 
consists of copper nitrate together with excess nitric acid, 
very gently until it is dry, and then more strongly. , This 
drives off the spare nitric acid and decomposes the 
nitrate, leaving the oxide. 

Copper + nitric acid -> copper nitrate *-> copper oxide. 

(heat) 

Weigh the dish and contents when cool; tliis gives 
the weight of oxide formed. 

The calculation is quite easy. The difference between 
the weights of oxide and metal is the weight of oxygen 
combined with the metal. A simple proportion sum will 
then give the weight of metal which combines with 
8 gm. of oxygen. This is, of course, the equivalent of 
the metal, expressed in grammes. 

The equivalent may also be found by the reverse of 
this process, i.e. by starting with the oxide. This method 
has already been described on p. 29, when we were 
demonstrating the truth of tjjie Law of Constant Com- 
position. Only one sample of oxide, of course, is used 
to find the equivalent of the metal. Let us take the 
observations given there. 

Weight of boat empty = 7*49 gm. 

Weight of boat -h copper oxide = 10*16 gm. 

^ Weight of boat + copper » 9*01 gm. 
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From these figures 2*66 gm. of copper oxide contain 2*12 
gm. of copper and therefore, by difference, 0-64 gm. of oxygen. 

i.e. 0*54 gm. oxygen combine with 2*12 gm. copper. 

2*12 X 8 

8 gm. oxygen combine with — — gm. copppr 
= 31*4 gm. copper, 
i.e. Equivalent of copper = 31*4. 

Method 3. — If the chloride of an element, i.e. a 
compound oi that element with chlorine alone, is dis- 
solved ill water and a solution of silver nitrate is added, 
silver chloride is formed. This is insoluble in water and 
is therefore precipitated (i.e. formed as a solid which 
gradually settles at the bottom). If this is filtered off and 
dried and weighed, the weight of chlorine in the original 
chloride can be calculated, because we know that every 
143*5 gm. of silver chloride contains 35*5 gm. of chlorine. 
TJhus the weight of the element which combines with 
the equivalent (35*5) of chlorine can be calculated. 
This is, of course, the equivalent of the element. 

Equivalent of potassium. — Weigh out accurately 
about 10 gm. of potassium chloride. Dissolve this in 
water and add excess of silver nitrate solution. A white 
precipitate is formed, which slowly turns grey. This 
is silver chloride. Filter and wash the precipitate with 
water, dry carefully, and weigh. Calculate your results* 
as, follows: 

Weight of potassium chloride = 10*10 gm. 

Weight of silver chloride precipitated 19*41 gm. 

The weight of chlorine in this silver chloride is 
= 4iS0 gm. 

i.e. 10' 10 gm. of potassium chloride contain 4*80 gm. of chlorine, 
and hence 10*10 — 4*80 « 5*30 gm. of potassium, 

i.e. 4*80 gm. chlorine combine with 6*30 gm. potassium. 

/. 36*6 gm,,chlorine combine with ^ ^ A 8™* potassium 

4*80 

= 39*20 gm. potassium. 
i.e. Equivalent of potassium == 39*20. 
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Method 4. — You will probably have dipped the 
blade of your penknife into a solution of copper sulphate. 
If so, you noticed that the steel became coated with a 
layer of copper. Actually, there was an exchange of 
metafs, for some of the iron dissolved, forming iron sul- 
phate, and in doing so it deposited copper from solution 
on to the knife blade. The copper is said to be displaced 
by the iron. Zinc and magnesium will also displace 
copper from a solution of copper sulphate, and zinc 
displaces lead from a solution of lead acetate. 

From what you know of equivalents you will realize 
that the equivalent weight of copper will be displaced 
by the equivalent weight of zinc, iron, or magnesium, 
and so, if the equivalent of one metal is known, that of* 
the other can be calculated. 

Equivalent of zinc by displacement of copper. — 
Weigh out accurately about 1 gm. of powdered zinc 
and place it in a solution of copper sulphate in a beakei*. 
A reddish deposit of copper is seen to form. When the 
zinc has dissolv^*d, filter off the copper, wash the residue 
with warm water, dry in a steam oven, and weigh. The 
calculation is quite simple, as in the following example: 

0*98 gm, of zinc were found to displace 0*95 gm. of copper 
from a solution of copper sulphate. If the equivalent of copper 

31*8, calculate the equivalent of zinc. ^ » 

0*96 gm. copper is displaced by 0*98 gm. zinc. 

. . 31*8 gn^. copper are displaced by — gm. zme 

= 32*8 gm. zmc. 

i.e. Equivalent of zinc » 32*8. 
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What is meant by the term equivalent of an element} 
Describe an experiment by which you could determine the 
equivalent of zmc. 

^2. What is megint by the term gramme-equivalent of an ele- 
ment? Describe m outline two methods by which the equivalent 
of magnesium may be determined. 

If you were given some copper sulphate and some zinc, 
how would you measure the equivalent of copper, if you knew 
that the equivalent of zinc is 32*5? 


4*^ It was found that 0-67 gm. of a metal when dissolved 
iifailute hydrochloric acid displaced 0-066 gm. of hydrogen. 
Calculate the equivalent of the metal. 


gm. of a metal when dissolved in a dilute acid were 
"found to displace 0-035 gm. of hydrogen. Calculate the equiva- 
lent of the metal. 


JSt, 0*42 gm. of a metal when dissolved in a dilute acid 
liberated 78-5 c.c. of hydrogen. The temperature of the labor- 
atory was 14® C. and the air pressure was 77-8 cm. of m^er- 
cury. Calculate the equivalent of the metal. (1 litre of hydSto- 
gen at S.T.P. weighs 0-09 gm.) 


^71 0-61 gm. of a metal when dissolved in a dilute acid 
liberated 112 c.c. of hydrogen. The temperature of the labor- 
atory was 12-6® C. and the air pressure was 76-9 cm. of mer- 
cury. Calculate the equivalent of the metal. (1 litre of hydror 
gen at S.T.P. weighs 0-09 gm.) 

It was found that 1*09 gm. of a metal gave on oscidation 
1*36 gm. of oxide. Calculate Ihe equivalem^f the metal. 

. It was found that 1-05 gm. of a metal gave on oxidation 
<l>19 gm. of oxide. Calculate the equivalent of the metal. 

\l6. 1*05 gm. of a metallic oxide gave on reduction 0*84 
gm. of the metal. Calculate the equivalent of the metal. 

, 1-32 gm. of a metallic oxide gave on reduction 1*29 gm. 

pfythe met^. Calculate the equivalent of the metals 

p/l2. 0*691 gm. of iron when placed in a soluti^ of copper 
sulphate waa, found to displace 0*?92 gm. of copper. If the 
equivalent of copper is taken to be 31*8, calculatnthe eqi^va- 
le^of iron.^ 

1*083 gm. of zmc when placed in a solution of ^o^r 
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sulphate was found to displace 1*06 gm. of copper. If the 
eauivalent of copper is taken to be 31*8, calculate the equiva- 
l^t of zinc. ( 

>^^14. 9’09 gm. of a metallic chloride was dissolved in water 
and sjlver nitrate solution was added. The resulting pre- 
cipitate of silver chloride was found to weigh 17*47 gm. 
Assuming that every 143*5 gm. of silver cliloride contains 
3^*5 gm. of chlorine, and that the equivalent of chlorine is 
35i& ca^QuIate the equivalent of the metal. 

m 6. 3*^1 of a metallic chloride was dissolved in water 
and silver nitrate solution was added. The fesulting pre- 
cipitate of silver chloride was found to weigh 8*61 gm. As- 
suming that every 143*5 gm. of silver chloride contains 36*6 
gm. of chlorine, and that the equivalent of chlorine is 35*5, 
calculate the equivalent of the metal. 
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ATOMIC WEIGHT; MOLECULAR WEIGHT: 

FORIViUL^: VALENCY: EQUAllONS 

ATOMIC WEIGHT 

All atoms of the same element have the same weight, 
different from the weights of atoms of other elements. 
These weights have been ascertained, but the methods for 
doing so are very difficult and cannot be explained at this 
stage. Moreover, the actual weights of atoms are so very 
small as to be of little use to us. What are of great impor- 
.tance to us are the relative weights of different atoms. 
These can be readily determined, and a list of them is 
given at the end of the book (p. 279). 

It is found that the hydrogen atom is the lightest, 
and so it is convenient to call this 1. The weights of 
all the other atoms are stated in relation to the weight 
of, a hydrogen atom, and these weights are called the 
atomic weights of the elements. For example, when 
we say that the atomic weight of oxygen is 16, we mean 
that every oxygen atom weighs 16 times as much as 
ewry hydrogen atom. 

Othe atomic weight of an element is the weight of an atom 
of that element relative to the weight of a hydrogen aton^ 

t 

MOLECULAR WEIGHT 

It is found thiit a molecule of sodium chloride (common 
salt) contains 1 atom of sodium combined with 1 atom 
of chlorine. That being so, it is clear that the weight of 
the sodium chloride molecule is equal to the sum of the 
atomic weights of sodium and chlorine. These 23 
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and 36*6 respectively. That is, the weight of a molecule 
of sodium chloride is 23 + 35*5 = 58-6, relative to the 
weight of a hydrogen atom. This number is called the 
mplecular weight of sodium chloride. 

QTA^ molecular weight of a compound is the weight of a 
imUcule of that compound relative to the weight of an atom 
of hydroge^ 


FORMULA 

You have, of course, seen formulae and equations in 
chemistry textbooks and have possibly felt something 
like alann at the thought of having to learn them. What 
an unnecessary complication, you may have thought, 
to introduce into an otherwise interesting subject a lot 
of lettering and equations that seem to convey nothing 
but have every appearance of being very complicated 
and difficult to learn. 

That is a wrong idea entirely. Formulae and equa-' 
tio|is were not introduced to make things harder, but to 
make things easier and more completely understood. 
You must also get rid of the entirely wrong notion, if 
you had it, that formulae constitute a kind cf chemical 
shorthand. If we wanted to express, for example, “ sugar 
ki a shorthand way we should certainly not write 
^ 12 ^ 22 ^X 1 — easier to write “ sugar ” in long- 

hand; we couldn’t possibly compete with genuine 
shorthand systems! No, formulae were introduced to 
enable us to see things more clearly and to express a 
great many chemical truths in a little group of letters 
and figures. It may make chemistry a little harder at 
first —Ju^t as learning multiplication tables made your 
arithmetic harder at first — but it will make it very 
much easier and more interesting later on. ^ 

We represent atoms of elements by letters, either a 
single capital letter or two letters, the first a capital. 
For example, a hydrogen atom is represented by the 
» letter,pH, an oxygen atom by the letter O, and a carbon 
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atom by C. Sometimes, of course, we find other elements 
whose names begin with letters which we are already 
using as -symbols. In the above cases this occurs. A 
helium atom cannot be represented by H, as that is 
already used for hydrogen, and so it is written He. 't'here 
are other elements beginning with H, but you will not 
be troubled with them for some time. Calcium, cobalt, 
chlorine, chromium, and copper, like carbon, begin with 
a C, and their atoms are represented by Ca, Co, Cl, Cr, 
and Cu respectively. (Cu, coming from the Latin cupruniy 
is usedj Co cannot be used for copper, being already 
attached to cobalt.) You will find the formulae of elements 
given with the list of atomic weights at the end of the 
book (p. 279). 

Although H stands for an atom of hydrogen, you will 
generally see hydrogen in an equation represented as Hg. 
This stands for two hydrogen atoms combined to form 
a molecule of hydrogen. This gas, when it exists alone, 
goes about in pairs of atoms, that is, the molecule of 
hydrogen contains two atoms. A number of other 
elements behave in the same way, the most common 
of which is oxygen. O stands for an atom of oxygen; 
Og stands for a molecule of oxygen, which contains two 
atoms. 

If we wish to represent a single atom of hydrogen we 
write H, and 2H if we mean two single atoms of hydrogen. 

You know from the atomic theory that small numbers 
of adorns of two or more elements combine to form 
compounds. One atom of sodium combines with one 
of chlorine to form a molecule of sodium chloride. This 
is represented by NaCl. ^ Remember that NaCl stands 
for one molecule of sodium chloride; it is not shorthand 
for “ salt 

Two atoms of hydrogen combine with one of oxygen 
to form a molecule of water, and this is represented by 
HgO. Notice that the 2 after the H means two atoms of 
hydrogen, not two of oxygen. 

In the example quoted earlier in this chapter, 
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C12H22O11 stands for a molecule of sugar, and the for- 
mula tells us that the sugar molecule is made up of a 
combination of 12 atoms of carbon, 22 of hydrogen, 
and 11 of oxygen. 

Sorfietimes you see a number before a formula. This 
njeans that particular number of whole molecules of that 
substance: 2H2O means two molecules of water, each 
consisting of a combination of two atoms of hydrogen 
with one of oxygen; 3 NaCl means three molecules of 
sodium chloride, each consisting of a combination of 
one atom of sodium with one of chlorine. 

You will often see brackets used, for example, 
Cu(N 03)2. The number after the bracket means that 
the part of the molecule inside the bracket is multiplied 
by that number. The substance, copper nitrate, could 
therefore have its molecule expressed: CuNgOg. We 
write it Cu(N03)2 because it is a nitrate, derived from 
nitric acid, which has the formula HNO3; nitrates in 
general have the formula X,„(N03)„, where tn and n are 
small whole numbers. The NO3 part of the formula is 
kept as such so that the substance is easily recognizable 
as a nitrate; NOs is called the nitrate radical, 

VALENCY 

• Whenever atoms of elements combine they do so in 
simple small numbers. Let us consider some examples 
of this. 

One atom of hydrogen and one atom of chlorine com- 
bine to fonn a molecule of hydrogen chloride, HCI. 

Hydrogen combines with oxygen, however, in the 
ratio of two atoms of hydrogen to one of oxygen, to form 
a molecule of water, H2O. * 

Hydrogen combines with nitrogen in the ratio of three 
atoms of hydrogen to one of nitrogen, to form a molecule 
of ammonia, NHs. 

Hydrogen combines with carbon in the ratio of four 
atoms of hydrogen to one of carbon, to form a molecule 
.of methane, CH4. 
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The valency of chlorine, oxygen, nitrogen, and carbon 
is said to be 1, 2, 3, and 4, respectively. Or, chlorine, 
oxygen, nitrogen, and carbon ait said to be univalent, 
bivalent, tervalent, and quadrivalent, respectively. 

Similarly, one atom of sodium displaces one at6m of 
hydrogen, one atom of magnesium displaces two atoms 
of hydrogen. The valencies of sodium and magnesium 
are 1 and 2, respectively. 

The valency of an element ts the number of hydrogen 
atoms that wtU combine wtth^ or be displaced by, one atom 
of the element. 

It IS seen, then, that the valency of an element may 
be regarded as, so to speak, its atomic equivalent, or as 
its combining power. We may regard it as if the 
hydrogen and chlorine atoms have one unit of com- 
bining power each, magnesium and oxygen have two 
each, nitrogen has three, and carbon has four. This 
could be expressed by writing the formulae: 

H-, C1-, -Mg-, -0-, - 

Compounds may be represented thus: 

H — Cl, hydrogen chloride, HCl. 

H — O — H, water, H2O. 

Cl — Mg — Cl, magnesium chloride, MgClj. 

Mg- O, magnesium oxide, MgO. 

I , ammonia, NH3. 

H 
H 

H — C — H, methane, CH,. 

H 

0=C=0, carbon dioxide, CO,. 
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Formulae written in this way, showing the valency 
bonds, are not often met with in elemental inorganic 
chemistry. In organic chemistry, however, where the 
molecular structure is of great importance, we u^e them 
considerably. They are also used to some extent in 

more advanced inorganic chemistry. 

• 

Relation between atomic weight, equivalent, and 
valency 

We have said that the valency of an element is, so to 
speak, its “ atomic equivalent Let us consider the 
valencies and equivalents in a few cases. 

{a) Chlorine has an atomic weight of 35*5, and a 
valency of 1, i.e. 1 atom of hydrogen, weighing 1 unit, 
combines with 1 atom of chlorine, weighing 35-5 units. 

the combining weights of hydrogen and chlorine 
are as 1 ; 35*5, 

the equivalent of chlorine is 35*5. 

The equivalent of a univalent element is the same as its 
atomic weight. 

{b) Oxygen has an atomic weight of 16 and a valency 
of 2, i.e. 2 atoms of hydrogen, weighing together 2 units, 
combine with 1 atom of oxygen, weighing 16 units. 

the combining weights of hydrogen and oxygen 
are as 2 : i6 =^= 1 : 8, 

the equivalent of oxygen is 8. 

The equivalent of a bivalent element is half its atomic 
weight. 

Similar arguments in cases of tervalent and quadri- 
valent elements will show that the equivalents are one- 
third and one-quarter of the ajomic weights respectively. 

We see, then» that the equivalent is the atomic weight 
divided by the valency, or 

ATOMIC WEIGHT « EQUIVALENT X VALENCY. 
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Whenever a chemical change takes place it is a change 
between atoms, and so can readily be represented by 
formulae. 

You have seen magnesium burning in air — it dots 
so with a brilliant white flame and produces magnesium 
oxide, a white powder. What happens, expressed chemi- 
cally, is that magnesium combines with oxygen, which 
is preset in the air, forming the compound magnesium 
oxide. We may represent this change as follows: 

2Mg Oj 2MgO. 

This means that two molecules of magnesium (each 
tonsisting of one atom) combine with one molecule of 
oxygen (consisting of two atoms) and produce two mole- 
cules of magnesium oxide (each consisting of one atom 
of magnesium combined with one atom of oxygen). 

From the law of conservation of matter, and from your 
knowledge of atoms, you must realize that there can be 
no gain or loss of matter; the atoms are merely re- 
arranged. So it is clear that in the above case the weight 
of two atoms of magnesium plus the weight of a molecule 
of oxygen is equal to the weight of two molecules of 
magnesium oxide. The above statement, then, is really 
an equation, and so may be written: 

2Mg + Og = 2MgO. 

If the atomic weights of the elements concerned are 
known, it is possible to calculate many things from 
formula and equations, j^xamples of some of these are 
given below. 
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CALCULATIONS INVOLVING FORMULA 
AND EQUATIONS 

1. Percentage composition of a compound from 
• the formula 

(a) Let us take for our first example sodium chloride. 
Its formula is NaCl. This represents, as have seen, 
a molecule of sodium chloride, and shows that the mole- 
cule contains one atom of sodium and one of chlorine. 


The atomic weights of sodium and chlorine are 23 and 36*6 
respectively. Therefore the molecular weight of sodium 
chloride is 58-6. 

Since a molecule of sodium chloride contains one atom of 
sodium, 58*6 parts by weight of sodium chloride contain* 2^ 
parts by weight of sodium. 

68*5 gm. of sodium chloride contain 23 gm. of sodium. 

1 

68*6 

. 23 X 100 

•• xw „ gg g 

= 39-3 gm. of sodium. 

Similarly, 

68-5 gm. of sodium chloride contain 36-6 gm. of chlorine. 

35-6 

••1 „ M » M gg.g 


inn 


36*6 X 100 
68*5 

= 60-7 gm. of chlorine. 


That is, the percentage composition of sodium chloride is: 
sodium 39-3 per cent, clilorine 60*7 per cent. 


Another example with a somewhat more complicated 
molecule should make this type of calculation quite clear. 

(6) Calculate the percentage composition of potassium sul- 
phaie, the formula being K*S 04 . 

A molecule of potassium sulphate contains 2 atoms of 
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potassium, 1 of sulphur, and 4 of oxygen. The atomic weights 
of these three elements are 39, 32, and 16 respectively. 

2 atoms of potassium weigh 2 x 39 = 78 units. 

1 ,, sulphur ,, 1 X 32 = 32 ,, 

4 ,, oxygen „ 4 X 16 = 64 ,, 

' 1 molecule of potassium sulphate \ . 

weighs I 

i.e. molecular weight of potassium sulphate is 174. 


174 gni. of potassium sulphate contain 78 gm. of potassium. 

78 

M . 

78 X 100 

174 

= 44*8 gm. of potassium. 


1 

100 


174 gm^ of potassium sulphate contain 32 gm. of sulphur. 


1 . .. 

»* 

32 

" 174 

'ioo‘; 


32 X 100 

»» •» 

" 174 



= 18*4 gm. of sulphur. 

174 gm. 

of potassium sulphate 

contain 64 gm. of oxygen. 

1 .. 


64 

ft 

” 174 

100 „ 


64 X 100 

f* a* 

M 174 


= 36*8 gm. of oxygen. 


That is, the percentage composition of potassium sulphate is* 

Potassium 44*8 per cent, sulphur 18-4 per cent, 
oxygen 36' 8 per cent. 


2. Empirical formula of a compound from the 
percentage composition 

This is the reverse of the previous problem. We will 
start with a simple example and then have a more com- 
plicated (though no more difficult) uue. 
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(a) The composition of potassium chloride is found to he: 
Potassium 52*5 per cent, chlorine 47*5 per cent. Calculate the 
empirical formula. (K = 39, Cl = 35*5.) 

62' 6 gm. of potassium combine with 47*6 gm. of chlorine. 
Dividing each quantity by the respective atomic weight, we 
get: 

* <^^oms of potassium combine with atoms of chlorine. 
o9 00*5 

ie. 1-34 „ „ „ „ 1*34 „ 

But as atoms are indivisible, we cannot possfbly have 1*34 
atoms. ’ 

.*. 1 atom of potassium combines with 1 atom of* chlorine 
to form 1 molecule of potassium chloride, 

i.e. formula of potassium chloride is KCb 

Note. — This formula, KCl, is only the simplest formula. 
Our result would also satisfy the formula KgCl^, or K 3 Cl 3 ,*etc. 
We have here no reason for knowing which is correct, so wo 
take the simplest formula, or empirical formula, as it is called. 
This is KCl. 

ip) The composition of potassium chlorate is found, to ^he: 
31*8 per cent potassium t 29*0 per cent chlorine, and 89-2 per 
cent oxygen. Calculate the empirical formula. (K' = 39, 
Cl = 36*5, O = 16.) 

The combining weights of the three elements are: 

Potassium Chlorine Oxygen 

, 31*8 29*0 39*2 

(Dividing each by the respective atomic weights:) 

31*8 , 29*0 , 39*2 , 

— - - atoms atoms atoms 

o5*5 Xu 

or *815 atqms *817 atoms 2*45 atoms. 

(As we cannot have less than one atom, divide by the smallest 
to get 1): 3 

1 atom 1 atom 3 atoms 

The simplest conception of a molecule of potassium chlorate 
is one that contains 1 atom of potassium, 1 of chlorine, and 
3 of oxygen. 

empirical formula of potassium chlorate is KCIO*. 
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3, Reacting quantities from equations 

If we know the equation for a chemical reaction it is 
quite a simplp matter to work out the reacting quantities. 
Consider the two following examples. 

(a) What weight of copper can be obtained by reducing 6 gni. 
of copper oxide? (Cu =1^ 64, O = 16.) 

The equation for the reaction is: CuO + Hj = 1 1^0 Cu. 
We now find the molecular weights for the substances con- 
cerned, thus:' 

Cu O -f H2 = O -f Cu 
64+16 2 2 + 16 64 

80 2 18 64 


That is, as one of the things that the equation tells us is that 
one molecule of copper oxide gives one molecule (= 1 atom) 
of copper, we can say that 80 parts by weight of copper oxide 
give 64 parts by weight of copper. 

(Note that we disregard the weights of hydrogen and water, 
as they are not concerned with the particular question.) 

80 gm. of copper oxide give 64 gm. of copper. 

64 
80 

64 X 6 
80 

= 4 gm. of copper. 

(6) What weight of hcemalUe {ytit of the Ofcs of iron) is neces- 
sary to produce 50 tons of iron? 

The formula for haematite is FegO,, and the equation for 
the reduction of this oxide to the metal is: Fe^O, + 3CO = 
2Fe + SCO,. (Fe = 66, O =* 16.) 

Fe* O3 + SCO « 2Fe + SCO, 

2 X 66 + S X 16 2 X 66 

' V ' , ' 

160 112 


/. 1 


•» tf 


•• 6 ,, ,, ,, 


i.e. 


112 tons of iron are produced from 160 tons of haematite. 


1 tt tf ft 


tt 


50 


ft tt 


160 

112 

160X60 
112 ^^ " 


71*4 tons of haematite. 


are 
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QUESTIONS 

1 . What is meant by: atomic weight, molecular weight, 
symbol, formula ? 

•2. Explain what is meant by the following equations: 

(a) C + Oj = CO2. 

(b) 2Hg + 02= 2 HgO. 

(c) CaCOj = CaO + COj. 

(d) KNO3 + H2SO4 = KHSO4 + HNO3. 

(e) 3CI2 + 6KOH = 6KC1 + KClOs + SHjO. 

3. Calculate the percentage composition of; 

(a) Carbon dioxide, COg : 

(b) Potassium chloride, KCl; 

(c) Potassium nitrate, KNO 3 ; 

(d) Ammonium sulphate, (NH 4 ) 2 S 04 ; 

(e) Sulphuric acid, H 2 SO 4 . 

4, Calculate the percentage water of crystallization in: . 

(a) Copper sulphate crystals, CuS 04 - 6 Ha 0 ; 

(b) Zinc sulphate crystals, ZnS 04 * 7 H 20 ; 

(tf) Washing soda crystals, NajCOj-lOHaO. 

6 . Calculate the empirical formulae for substances having 
the following percentage compositions: 

(a) Caibon 42*9, oxygen 57-1; 

(b) Aluminium 62-9, oxygen 47*1 ; 

(c) Calcium 40, carbon 12, oxygen 48 ; 

• (d) Calcium 64*1, oxygen 43*2, hydrogen 2*7; 

(tf) Potassium 26*6, chromium 36*4, oxygen 38*1. 

6 . What weight of sodium chloride can be obtained from 
6 gm. of sodium hydroxide? 

NaOH + HCl = NaCl + H 2 O. 

7. How many tons of iron can be obtained from 60 tons 
of haematite? 

FejOa + 3CO = ^CO* + 2 Fe, 

8 . How many tons of limestone are necessary to produce 
10 tons of quicldime? 

CaCO, = CaO + CO,. 
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AVOGADRO’S HYPOrHESIS AND 
• MOLECULAR WEIGHTS 

In 1804 Joseph Louis Gay-Lussac, a French chemist, 
made a series of experiments to investigate the propor- 
tions in which gases combine. I le obtained a remarkable 
result, which may be summed up as follows: 

Gay-Lussac’s Law of Gaseous Volumes 

The volumes in which two gases combine are in a simple 
ratio to each other y and to that of the product y if this is a gas. 

The meaning of this will become quite clear if you will 
study the following examples: 

1 volume of hydrogen combines with 1 volume of chlorine 
to form 2 volumes of hydrogen chloride. 

2 volumes of hydrogen combine with 1 volume of oxygen 
to form 2 volumes of steam. 

1 volume of nitrogen combines with 3 volumes of hydrogen 
to form 2 volumes ot ammoma. 

This discovery is very important: out of the infinite 
number of different proportions in which gases could 
combine, they all do so in simple small ratios by volume, 
such as 1 to ], 1 to 2, 2 to 3, and so on. It is clear that 
there must be some reason for this, and it may help 
us to see what happens to*the particles of the gases when 
they react. This being so, it might be profitable to 
examine these facts in the light of the atomic theory, 
published by Dalton a little before Gay-Lussac’s dis- 
covery. This was, in fact, done, and it caused quite a 
lot of trouble, for it was found that Gay-Lussac’s law 
and Dalton’s theory could not be reconciled. 
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To illustrate this, let us consider the case of the com- 
bination of chlorine and hydrogen. 

1 volume of hydrogen combines with 1 volume of chlorine. 
(Gay-Lussac) 

1 athm of hydrogen combines with 1 atom of chlorine. 
(Dalton) 

•.*. 1 volume of chlorine and 1 volume of hydrogen contain 
equal numbers of atoms. 

A number of chemists came to more or lees this con- 
clusion, which might be expressed generally: “Equal 
volumes of different gases contain equal numbers of 
atoms.*’ 

(The word “ atoms ” was then used to include what 
we now call “ molecules ” as well as what we now call 
“ atoms ”.) 

Let us continue with our consideration of the com- 
bination of hydrogen and chlorine, including the gaseous 
product, hydrogen chloride. 

1 volume of hydrogen combines with 1 volume of chlorine, 
giving 2 volumes of hydrogen chloride. 

By our conclusion arrived at above : 

1 atom of hydrogen combines with 1 atom of chlorine giving 
2 ** atoms ** of hydrogen chloride. 

• But as each “atom” of hydrogen chloride must 
contain both hydrogen and chlorine, and as 2 atoms 
of hydrogen chloride were formed from only 1 of 
hydrogen and 1 of chlorine, then each hydrogen chloride 
“ atom ” can contain only half an atom of hydrogen and 
half an atom of chlorine. 

This clearly strikes at the very foundation of Dalton’s 
atomic theory, which states that atoms are indivisible. 

It was Amedeo Avogadro, an Italian, who a few years 
later (1811) overcame this difficulty of reconciling Gay- 
Lussac’s law with Dalton’s atomic theory. His hypo- 
thesis to explain Gay-Lussac’s results was not accepted 
for forty years — until after his death, in fact. 

• Avogadro *8 hypothesis. — Equtd volumes of all 
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ga^es, at the- same temperature and pressure^ contain equal 
numbers of molecules. 


Vapour Density 

Avogadro, seeing the difficulty of Gay-Lussac’s results 
suggesting half-atoms, suggested instead that both 
hydrogen and chlorine gases existed, not as single atoms, 
but in paira of atoms. The smallest part of an element 
that can exist alone, he said, is not necessarily an atom; 
in each.of the above two cases it is two atoms. Avogadro 
called these smallest particles “ molecules ”, 


8 Oo 


•• •• 


o* ^ 

•o 

Oo 

+ 

u 

- 

% 

•b 
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(f •o 


HYDROGEN 
I VOLUME 
5 MOLECULES 
(tach <ontainin| 
2 atoms) 


CHLORINE 
I VOLUME 
5 MOLECULES 

<«ach containing 
2 atoms) 


HYDROGEN chloride 
2 VOLUMES 
10 MOLECULES 
(each containing 
I atom of hydrogen 
and I of chlorine) 


Fig. 10 


We will now see how Avogadro’s hypothesis makes 
Gay-Lussac’s law fit in with Dalton’s atomic theory. 

1 volume of hydrogen combines with 1 volume of chlorine 
to give 2 volumes of hydrogen chloride. 

1 molecule (containing 2 atoms) of hydrogen combines with 
1 molecule (containing 2 atoms) of chlorine to give 2 molecules 
(each containing 1 atom of hydrogen and 1 of chlorine) of 
hydrogen chloride. 

If we coyld obtain such a small volume of gas that it 
would contain only 6 molecules, we could represent the 
combination of 5 molecules of ichlorine and 6 of hydrogen 
as in fig. 10. ^ 

The question may now arise: how is it that equal 
volumes of different gases can contain equal numbers of- 
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molecules, if the molecules are of different sizes, as, for 
example, hydrogen and carbon dioxide? 

I'he answer is that while it is true that the molecules 
of carbon dioxide are considerably bigger and heavier than 
those <5f hydrogen, they are more closely packed in the 
fonner, although there is considerable space between the 
molecules in each gas. The actual molecules of a gas are 
flying about at high speeds, and colliding with one 
another and with the walls of the containing vessel, if 



I VOLUME 

( X MOLFCULES OF 
' HYDROGEN J 

(o hydrogen , # 


CARBON ATOM 

Fig. n 



I VOLUME 

( X MOLECULES OF 
CARBON DIOXIDE J 

@ OXYGEN ATOM ,) 


any. Their total volume is only a very small portion of 
the space occupied by the gas (fig. 11). 

^One reason why Avogadro’s hypothesis is of great 
importance is that we can deduce from it the following 
relation between molecular weight and vapour d^Jnsit;^ 
The molecular weight of a siAstance is twice its vapSur 
density. 

We do not measure densities of gases as absolute 
densities, i.e. in grammes per cubic centimetre, because 
the value would be a very small number arid not very 
useful to us. It is far more useful to express it as the 
density relative to^ hydrogen. For example, the density 
of carbon dioxide is said to be 22, and by this we mean 
ihat its. density is 22 times that of hydrogen. 

.(PM8) • 
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By the vapour density of a substance not a gas, 
we mean the density, relative to hydrogen, of that sub- 
stance if it is converted into the gaseous state. The 
density of water (liquid) is, as you know, 1 gm. per cubic 
centimetre. The vapour density of water is 9; that is, 
water in the gaseous state (steam) is 9 times as dense 
as hydrogen, under the same conditions of temperature 
and pressure. 

xr j weight of a certain volume of gas 

Vapour density = — r-f- — ^ J ? . — 
weight of same volume or hydrogen 

__ weight oif X m*^ecules of sii^stan^e 
weight of X molecules of hydrogen 

— weight of 1 molecule of substanc e 
weight of 1 molecule of hydrogen* 


But, as we have previously argued, each molecule of 
hydrogen contains 2 atoms. 

weight of 1 molecule of substance 
weight of 2 atoms of hydrogen 


Vapour density = 


= i 


weight of 1 molecule of substance 
weight of 1 atom of hydrogen 


= i molecular weight of substance. 


i.e. the molecular weight of a substance is twice its vapour 
density. 

Hence if we can measure the vapour density of a 
substance, we can calculate its molecular weight. 

Another important conclusion from Avogadro’s hypo- 
thesis is that the molea^lar weight in grammes of a sub- 
stance in the gaseous state occupies 22-4 litres at S.T.P. 

It is found by experiment that 1 gm. of hydrogen 
occupies H'2 litres at S.T.P. 

But the gramme-molecular weight of hydrogen is 2 gm. 

/. 2 gm. of hydrogen occupy 22-4 litres. 

Now consider a gas of molecular weight x. Its density 
relative to hydrogen is, as we have seen, 
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/. gm. of gas has the same volume as 1 gm. of 
hydrogen. 

/. X gm. of gas has the same volume as 2 gm. of 
^ hydrogen, which is 22-4 litres, 
i.e. The molecular weight in grammes of any gas occupies 
224 litres at S.T.P, 

Determination of vapour density 

The vapour density of a gas is found by weighing a 
glass globe which has had all the air expelled from it by 
means of a vacuum pump, and then weighing if full of 
the gas, and subsequently full of hydrogen. 

Subtracting the weight of the glass globe from each of 
the other two weights, we get weights of equal volumes of 
the gas ind hydrogen. The vapour density of the gas is 
then weig ht of gas 
weight of hydrogen* 

The vapour density of a volatile liquid may be found 
by a very ingenious method devised by the German 
chemist Victor Meyer. 

The apparatus is shown in fig. 12 (p. 68). The liquid 
whose vapour density is to be found is weighed accurately 
in a small bottle B. Meanwhile the liquid in the outer 
jacket, of boiling-point higher than that of the liquid whose 
vapour density we are finding, is boiled. The air in the 
inner tube expands and bubbles out into the trough, the 
gas cylinder being removed. When no more air bubbles 
into the trough, it means that the air in the inner tube has 
reached the boiling-point of the liquid in the outer jacket. 

The gas cylinder is now placed in position, the cork 
at the top of the inner tube rempviisd, the bottle B dropped 
in, and the cork immediately replaced. A fittle asbestos 
fibre in the bottom of the outer vessel will prevent 
breakage when the bottle is dropped in. 

The liquid in the little tube, being surrounded by an 
atmosphere at a higher temperature than its own boiling- 
point, now be^ns to boil, and it forces out its little glass 
•stopper and begins to evaporate quickly. The volume 
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of vapour formed from it 
expels an equal volume of 
air from the inner tube 
into the gas cylinder. 
This volume of air is 
measured at atmospheric 



pressure, and the air temperature and 
pressure are noted. The volume is 
corrected to S.T.P. Thus we have 
the weight of a sample of the liquid, 
and the volume of vapour formed 
from it, corrected to S.T.P. , and so 
we can find its density, and if we 
know the density of hydrogen, the 
vapour density of the liquid can be 
easily obtained. 

A convenient liquid to use to gain 
experience in this method is carbon 
disulphide. It boils at 46-25® C., and 
so water can be used in the outer 
jacket. 


Fig. 12 -— Deter- Example. 182 gm. of carbon disul- 

mmauon of Vapour phide expelled 59*9 c c. of air from the 

temperature was 

^ ' 12® C. and the air pressure was 76 C cm. 

First correct the gas to ^.T.P.: 

?i7i « 


76*6 X 66*9 7e 

286 2 

76*0 X 66-9 X 273 
50 X 286 


V, 


63*28 c.e. 
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i.e. 63*28 c.c. carbon disulphide at S.T.P. weigh *182 gm. 

*182 X 1000 


1000 c.c. 


53*28 


gm. 


But 1000 c.c. of hydrogen weigh *09 gm. 

*. Density of carbon disulphide (H = 1) = ~ 38. 


(The molecular weight is, of course, twice this, i.e. 76.) 


QUESTIONS 

1. State Gay-Lussac's law of gaseous volumes. 

2. State Avogadro’s hypothesis. What is its importance in 
chemistry ? 

3. Deduce from Avogadro's hypothesis the relationship 
between the vapour density of a gas and its molecular weight. 

4. Describe Victor Meyer's method for measuring the 
vapour density of a volatile liquid. 

^ In a Victor Meyer expeiiment, 0*26 gm. of a volatile 
liquid expelled 64*8 c.c, of air at S.T.P. Calculate the vapour 
density of the liquid. 

In a Victor Meyer determination, 0*4 gm. of a volatile 
liquid displaced 100 c.c. of air. The temperature of the 
laboratory was 14® C., and the barometer read 766 mm. Cal- 
culate the molecular weight of the liquid. 
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CHEMICAL EQUILIBRIUM AND 
CATALYSIS 

If calcium carbonate is heated strongly the molecule 
splits up into two parts, carbon dioxide, a gas, being 
evolved and calcium oxide, a white solid, being left. 
The calcium carbonate is said to dissociate into carbon 
dioxide and calcium oxide : 

CaCOg == CaO + COg. 

This chemical change is generally made to take place 
under conditions when the carbon dioxide is allowed to 
escape, and it is found that then the whole of the calcium 
carbonate is decomposed. 

If, however, carbon dioxide is passed over calcium 
oxide the reverse action takes place and calcium car- 
bonate is formed: 

CaO -j- COg CaCOg. 

Let us examine the difference between these two 
actions and see why one should proceed in one direction 
and the other in the opposite direction. 

There is a tendency fof calcium carbonate to split up 
into calcium oxide and carbon dioxide, and there is also 
a tendency for calcium oxide and carbon dioxide to com- 
bine to form calcium carbonate. In the first case the gas 
carbon dioxide is allowed to escape and so there is not 
very much of it round the calcium oxide to combme 
with it and form the carbonate* Mote calcium carbonate 
then decomposes, forming more calcium oxide, and more 
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carbon dioxide passes away from the sphere of the re 
action. This continues until all the calcium carbonate 
is decomposed. 

In the second case, where the gas is passed over the 
solid, the calcium oxide is surrounded by an atmosphere 
of carbon dioxide and so there is every encouragement 
for the molecules to combine, forming calcium carbonate. 

Now suppose we heat calcium carbonate in a closed 
vessel, so that none of the carbon dioxide ‘can escape. 
We should expect both reactions to occur, and this is 
indeed the case. Calcium carbonate splits up into ftalcium 
oxide and carbon dioxide, and these in turn combine to 
form calcium carbonate again. Very soon there is found 
to be a definite amount of each constituent present and 
these amounts remain constant if the temperature is kept 
the same. This can be proved by attaching a pressure 
gauge to the vessel. The pressure is found to remain 
constant, and as this pressure can only be due to the 
carbon dioxide (the only gas present) it means that the 
amount of carbon dioxide there remains constant. 

This does not mean that a deadlock is reached and 
the two opposing chemical reactions decide to “ call it 
a day and refuse to go on reacting. Change is constantly 
occurring, but tlie reactions adjust themselves so that 
the speed of the forward change is equal to that of the 
backward change. The substances are said to be in a 
state of chemical equilibrium, and the changes are 
generally represented by an equation in the form : 

CaCOa ^ CaO + COg. 

Such a change is called a rexersible reaction. % 

Let us return again to a consideration of the reaction 
in a closed vessel. We start with calcium carbonate only. 
Therefore on first heating the only possible change is 
decomposition of the carbonate, i.e. the forward re- 
action. However, when the first few molecules of calcium 
oxide and carbon dioxide have been formed they, start 
•combining to form calcium carbonate, but there are not 
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many of them. Hence they have not a great opportunity 
of meeting and reacting, and so the speed of the reverse 
change is slow. But as more and more of these molecules 
are formed the likelihood of their meeting is much in- 
creased, and the speed with which the reverse action 
takes place gradually increases until it is equal to the 
speed of the forward reaction. 

So that when a state of equilibrium has been reached 
the reaction must not be considered to have stopped; 
the twp’ reactions in opposite directions are proceeding 
all the Itime and with equal speeds. 

If one of the products of a reversible reaction is removed, 
then equilibrium is upset and the change proceeds only 
in one direction. This can be done, as we have seen, if 
one of the products is a gas, by allowing it to escape. 
It also occurs in a reaction between two liquids if one of 
the products is an insoluble solid. Once a substance is 
precipitated it is out of the sphere of the reaction and 
does not take part in any reverse change. 

For example, when sodium chloride solution and 
dilute nitric acid are mixed, the reaction is reversible 
and is represented by 

NaCl + HNOs ^ NaNOs + HCl. 

All the substances are soluble; equilibiiuin is attained and 
an analysis of the liquid shows that all four substances 
are present. 

If, however, sodium chloride and silver nitrate solu- 
tions are mixed, the reaction proceeds in the forward 
direction only: 

NaCl + AgNOj NaNOs + AgCl. 

The reason for this reaction not being reversible is 
that silver chloride is insoluble in water, so that each 
molecule of it, as soon as it is formed, is precipitated as 
a solid and cannot take part in the reverse reaction. 

This principle is used to a great extent in qualitative 
and quantitative analysis. 
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Another good example of a reversible reaction is ^at 
between steam and iron. 

When steam is passed over red-hot iron, hydrogen is 
evolved and black oxide of iron is formed : 

3Fe + 4 H 2 O ^ FesO^ + 4Ha. 

In this reaction the current of steam sweeps away 
the hydrogen, so that hydrogen molecules do not come 
into contact with iron oxide molecules. , 

The reverse change, however, may be made to take 
place by passing hydrogen over heated iron oxide: 

Fe 304 4 H 2 3Fe -f- 4142^^- 

Herc it is the current of hydrogen that sweeps away 
the steam formed, and so the latter cannot come into 
contact with iron to reform the oxide. 

If, however, either iron oxide and hydrogen, or iron 
and steam, are heated in a closed vessel, all four sub- 
stances will be found to be present, showing that the 
reversible reaction has attained equilibrium: 

3Fe + 4HaO Fe^O^ 4 H 2 . 

Law of mass action 

The fact that the speed of a chemical change depends 
on the concentration of the reacting substances is 
summed up in the law of mass action, which may 
be stated as follows : 

The rate of a chemical change is proportional to the 
concentrations of the reacting substances. 

It is seen that in a reversible reaction, e.g. 

A “f B ^ C + as more and more of A and B react, 

there is less and less of them, and so the speed 

A -j- B C -f D decreases. Similarly, as more and 

more of C and D are formed, the speed of C+D-^A+B 
increases. This goes on until such concentrations of A 
and B and C and D are present that the speeds of tjie 
two opposing reactions are equal and equilibrium is 
attained. 
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Effect of temperature on rate of chemical change 

Place some pieces of granulated zinc in a test-tube and 
add a few cubic centimetres of dilute sulphuric acid. 
The reaction proceeds very slowly at first. As the con- 
centrations of zinc and sulphuric acid decrease one would 
expect the speed of the reaction to lessen. The opposite 
effect is, however, observed: the reaction speeds up 
more and more, and finally becomes quite violent for a 
time, 'When it begins to slow down and finally stop. 
The inorease in speed in the early part of the reaction 
indicates that another factor affects the speed of chemical 
change. This is temperature. When zinc and dilute 
sulphuric acid react, heat energy is given out, and as the 
temperature of the mixture rises the speed of the change 
increases. Most substances give out heat when reacting, 
and so most chemical changes proceed with increasing 
speed until the concentrations of the reacting substances 
diminish considerably. 

Also, if a reaction is proceeding slowly, it may generally 
be speeded up by warming over a Bunsen burner. 

Effect of pressure on rate of chemical change 

Another factor which changes the speed of a chemical 
change where gases are mnrprned is the pressure. In- 
crease in pressure causes the reaction between two gases 
to proceed more quickly. For the effect of pressure is to 
diminish the \olume, and as chemical change is a change 
concerning the flying molecules, these, being closer 
together, will xneet more often, and so the rate of the 
change will be increased. 

’Catalysis 

* It is found that the rate of a chemical change may be 
altered considerably by the presence of another sub- 
stance which itself undergoes no change. Such a sub- 
stance is called a catalyst and the effect is known as 

catalysis. 
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A catalyst is a substance which alters the speed of a * 
chemical change but is not changed itself. 

Generally we are concerned with catalysts whidi 
increase the speed of chemical changes, but occasionally 
it is necessary to slow down a change which would other- 
wise be too violent. The catalyst in the latter case is • 
generally called a negative catalyst. 

To demonstrate catalysis, heat some powdered crystals 
of potassium chlorate in an ignition tube, gently at first 
and then more strongly. The crystals are seen to melt 
before any gas is given off, and on testing with a ‘glowing 
splint of wood the latter is rekindled, showing that* 
oxygen is evolved. Now let the tube and contents cool 
until no more oxygen is being given off, and drop in a 
little manganese dioxide. The immediate result is the 
violent evolution of oxygen. This shows that the pre- 
sence of a little manganese dioxide causes the potassium 
chlorate to be decomposed at a much lower temperature 
than by heating it alone. It can be proved that all the 
manganese dioxide added is still present unchanged 
after the reaction, showing that the oxygen has come 
from the potassium chlorate alone, none from the 
manganese dioxide. 

Catalysis is of very great importance to the industrial 
ehemist, for it enables a large-scale process to take place 
at a much lower temperature than otherwise, and so 
saves a great amount of fuel. It also enables reactions 
to take place which cannot be made conveniently to 
occur without the catalyst, or are so slow otherwise as 
to be valueless commercially. 

It must be understood that it is hardly correct to 
describe manganese dioxide as a catalyst. It is certainly a 
catalyst in the decomposition of potassium chlorate by, 
heat, but it can by no means increase the speed of any 
reaction. 

Platinum in the finely divided state is a useful catalyst 
in a number of important chemical changes, notably 
in the contact process for the manufacture of sulphuric 
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acid. Other finely divided metals are found to catalyse 
certain reactions, and are used with great success in 
industry. Catalysis is one of the most important sub- 
jects in modern industrial chemistry, which has been 
and is being revolutionized by research to find* good 
catalysts. 

It is found that in some cases the efficiency of a cata- 
lyst can be increased by the addition to it of a small 
quantity of -another substance. In the Haber process 
for the synthesis of ammonia from nitrogen and hydro- 
gen (see p. 137) the activity of the catalyst — finely 
divided iron — is increased by the addition of a little 
molybdenum. A substance which in this way promotes 
the activity of a catalyst is called a promotor. 

The activity of a catalyst can also be decreased by 
the addition of small quantities of certain substances. 
This is often a nuisance; great care has to be taken in the 
purification of the reacting substances, otherwise the 
catalyst quickly becomes “ poisoned and the reaction 
slows down or stops. Strangely enough, many catalytic 
poisons are also poisons in the usual sense of the word, 
arsenic being an example. 


QUESTIONS 

1. Explain what is meant by the terms reversible reaction 
and chemical equilibrium, 

2. State and explain the law of mass action. 

3. Explain how, in a reversible reaction, the chemical 
change may be made to procf^ed in one direction only. 

4. Explain the effects of change of temperature and change 
of* pressure on the rate of chemical change. 

6. What is a catalyst? Give three examples of processes 
where a catalyst is employed. 

6. Write an account of the importance of catalysis in in- 
dustrial chemistry, giving examples. 



CHAPTER X 


ELECTROLYSIS 
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^ ffiijgrgs 3re connected to the poles of a 2-volt electric 
accuTOit^r and the other ends are dipped into water 
to which a little sulphuric acid has been added, it is 
found that the passage of a current of electricity through 
the liquid causes it to decompose into its elements, 
hydrogen and oxygen. These gases bubble off from the 
acidulated water, oxygen at the wire attached to the posi- 
tive pole of the accumulator and hydrogen ai the wire 
attached to the negative pole. 

Such a process is called electrolysis. 

Electrolysis is the chemical decomposition of a substance 
by the passage of a current of electricity through it. 

The two wires, or more generally plates or rods of 
metal or carbon, which are in the solution are called 
electrodes. The electrode connected to the positive 
pole of the battery is called the anode and that con- 
nected to the negative pole is called the cathode. The 
liquid which is decomposed by the passage of a current 
of electricity through it is called the electrolyte. The 
vessel in which electrolysis takes place, together with 
the electrodes and electrolyte, is called the electrolytic 
cell, or voltameter. 

Fig. 13 (p. 78) should make this clear. The direction 
of the electric current in the wires and through the 
electrolyte is shown by arrows. 

If electrolysis is attempted with pure distilled 
water instead of acidulated water, it is found that no 
gases arc evolved and no current is indicated by the 
» ammeter. Many other substances refuse to undergo 
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electrolysis, for example, sugar dissolved in water, 
alcohol, and ether. Such substances are called non- 
^ electrolytes. 

Aqueous solutions (solutions in water) of acids, 
alkalis, and salts are found to be electrolytes, and elec- 
trolytic decomposition is found to take place according 
to definite rules. 

^ It is found that whenever hydrogen is evolved, as it 
is in the case of acids, this gas is always liberated at the 
cathode. Whenever metals are deposited, as they are 
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Fig. 13. — The Process of Electrolysis 


in the case of alkalis and salts, they are deposited at the 
cathode. Sometimes, as, for example, with sodium, the 
metal immediately reacts with the water and a secondary 
product, hydrogen, is evolved at the cathode. 

At the anode we find the non-metallic part of the 
electrolyte, or its decomposition product, liberated. 

For. example: • 

(a) Concentrated hydrochloric acid, on electrolysis, 
gives off chlorine at the anode and hydrogen at the 
cathode: 

2HC1 = Hg + CI 2 . 

(]^ual vblumes of hydrogen and chlorine, in agreement 
♦with Avogadro’s hypothesis.) 
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(6) An aqueous solution of sodium chloride on elec- 
trolysis gives off chlorine at the anode and sodium at the 
cathode (see p. 233): 

2NaCl = 2Na + Clg. 

The chlorine is liberated, but the sodium reacts with 
water, forming sodium hydroxide and liberating hydrogen : 

2Na + 2H2O = 2NaOH 4- Hg. 

• 

The result, then, is the liberation of chlorine and 
hydrogen and the formation of sodium hydroxide.* More- 
over, the chlorine and sodium hydroxide will react (see 
p. 159). 

(t) Copper sulphate solution on electrolysis splits up 
into copper and sulphate 

CUSO4 = Cu + SO4. 

The latter is unknown as a separate substance, and 
immediately reacts with water to form sulphuric acid and 
liberate oxygen: 

2SO4 + 2H2O = 2H2SO4 + Oa. 

The net result here, then, is the liberation of oxygen 
at the anode and the deposition of copper at the cathode. 

FARADAY’S l.AWS OF ELECTROLYSIS 

Michael Faraday in 1834 investigated the phenomenon 
of electroljsis and discovered that: 

(i) The mass of an element liberated by electrolysis is 
proportional to the quantity of* electricity passed. 

(Quantity of ^ectricity is measured in coulombs, and 
is the product of the current in amperes and the time 
in seconds.) ' . 

(ii) The masses of different elements liberated by electro- 

lysis by the same quantity of electricity are in the rath of 
their chemical equivalents. ' • 
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The first law should be quite clear. It says in effect that: 

If 1 coulomb of electricity liberates x gm. of element, 

then 2 coulombs „ liberate lx ,, „ 

and 3 „ „ ,, %x 

and Q „ .. Qx „ . 

As g = current in ainpeicb X time in seconds, 

c amperes for i seconds liberate c x ^ X ^ gni. 
of element. 

The second law may be illustrated thus : 

Suppose voltameters containing various electrolytes 
are conliected in series to a battery, and the substances 
liberated are, for example, hydrogen, oxygen, chlorine, 
copper, and zinc. 

If the weight of hydrogen liberated in a certain time 
is X gm., the weights of the other substances liberated 
in the same time (i,e. by the passage of the same quantity 
of electricity) are: oxygen 8Xy chlorine 36*6 jc, copper 
3T7 jc, and zinc 32*6jc gm. 

That is, they are liberated in the proportion of their 
chemical equivalents, which are 8, 35-5, 3T7, and 32*6 
respectively. 

The quantity of electricity needed to liberate 1 gm. 
of hydrogen, and therefore also the equivalent of any 
element, is found by experiment to be 96,000 coulombs. 
This quantity of electricity is called one faraday, 

THE IONIC HYPOTHESIS 

The theory put forward to explain the facts of elec- 
trolysis is known as the Ionic Hypothesis, and it sup- 
poses that electrolytes split up into electrically charged 
parts, called ions. This* dissociation of a compound 
into ions occurs whenever an electrolyte is dissolved 
in water, no matter whether a current of electricity is 
passing through or not. 

The ions have properties entirely different from those 
of the elements thenxselves. For example, sodium 
chloride is an electrolyte, and according to the ionic , 
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hypothesis it is dissociated into sodium ions and chlorine 
ions when in solution. But atoms of sodium react 
violently with water atoms, and so the ions must have 
properties quite different from those of the sodium 
atoms* 

The dissociation of sodium chloride on solution is 
represented thus:, 

NaCl ^ Na+ + 

The sodium ion is positively charged'. When a current 
of electricity passes through the solution, the ^sodium 
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ions, being positive, are attracted to the negative pole, 
i.e. the cathode (fig. 14). 

Similarly, the chlorine ions, being negatively charged, 
are attracted to the positive pole, i.e. the anode. 

When the positive sodium ions reach the cathode, 
they give up their charge to it and become ordinary 
uncharged atoms of sodium. These immediately react 
with the water molecules anti form sodium hydroxide 
and hydrogen, the latter being observed bubbling frooi 
the cathode. 

Similarly, the chlorine ions on reaching the anode 
give up their negative charge to it and become ordinary 
chlorine atoms, and are evolved as bubbles of gas. 

* For every sodium ion discharged at the cathode a 
(F988) 7 
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chlorine ion is discharged at the anode. Hence it is seen 
that .equal numbers of sodium and chlorine atoms are 
liberated, and so the two elements will be liberated in 
the ratio of their equivalents. The equivalent of sodium 
will displace from water the equivalent of hydrogen, so 
in the above example it is seen that, arguing from the 
ionic hypothesis, the hydrogen and the chlorine are 
evolved in the ratio of their equivalents. This agrees 
with the experimental results as expressed in Faraday's 
laws. 

Electrolysis of acidulated water 

Pure water is not an electrolyte; it is the acid which 
ionizes in solution, thus : 

H2SO4 -> 2H^ + SO4”. 

(Note that the formula for the hydrogen is 2H'*’ and 
not H2. Hg stands for one molecule of hydrogen, con- 
sisting of 2 atoms. 2H stands for 2 single atoms of 
hydrogen. 2H‘*‘ stands for two ions of hydrogen, posi- 
tively charged. Note also that the bivalent radical SO4 — 
carries two units of negative charge, to neutralize the 
two single charges of the two hydrogen ions.) 

When an electric current is passed through acidulated 
water, the hydrogen ions travel to the cathode, their 
positive charges are neutralized, and hydrogen atoms 
result. Hydrogen gas is evolved. 

The S04"'~ ions travel to the anode, give up their 
negative charges, and become plain sulphate radicals. 
Now SO4 does not stand for any known substance: the 
group cannot exist alone, and it immediately takes 
hydrogen from the water ’and liberates oxygen: 

SO4 + H2O = H2SO4 + O. 

Each two atoms of oxygen formed unite to form a 
molecule, and the gas is evolved at the anode. 

Thus it is seen that when water containing sulphuric 
acid is .electrolysed, hydrogen and oxygen are given off,. 
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and although these gases come from the sulphuric acid, 
they are immediately replaced by hydrogen and oxygen 
from the water, and the amount of acid in the solution 
remains constant. The effect is as though the water 
itself were electrolysed. 

Electrolysis of copper sulphate solution, using 
platinum electrodes 

The copper sulphate dissociates: 

CUSO4 Cu++ + S04~ 

(Note that the copper, being bivalent, has two units 
of charge for its ion, as has the SO4 — ion.) 

When electricity passes through the solution, copper 
ions travel to the cathode, give up their charges, and are 
deposited as metallic copper. The sulphate ions travel 
to the anode, give up their charge, and react with water 
molecules as in the case of sulphuric acid previously 
described, and oxygen is evolved. 

So, using platinum electrodes, the effect of electro- 
lysing copper sulphate solution is to deposit copper at 
the cathode and liberate oxygen at the anode. 

Electrolysis of copper sulphate solution, using 
copper electrodes 

The copper ions travel to the cathode as in the previous 
case, and are deposited. 

The sulphate ions, having given up their charge at the 
anode and become uncharged sulphate radicals, are* now 
in close proximity to copper atoms (on the copper anode). 
They have a greater chemical affinity fot these copper 
atoms than for the hydrogen atoms of the water, and 
so combine with them: 

SO4 + Cu = CUSO4. 

The copper sulphate molecules so formed disperse 
•into the solution. Thus the concentration of the. copper 
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sulphate is kept up, and the net result is that copper is 
deposited on the cathode and (the same amount) dis- 
solved from the anode. This principle is used in copper 
refining and copper-plating. 

Electroplating 

The metallic object to be plated is made thoroughly 
clean and given a matt surface. It is then placed as cathode 
in a solutiorfof a salt of the metal which is to be deposited. 
The anode is a plate of this metal. 

The best results for copper-plating of iron are obtained 
with a solution of copper sodium tartrate. 

Silver is generally deposited from a solution of silver 
potassium cyanide together with excess of potassium 
cyanide. The electrolyte used for gold-plating is gold 
potassium cyanide, and for nickel-plating, nickel am- 
monium sulphate. In the latter case the metal is generally 
first copper-plated and the nickel then deposited on the 
copper. 

Chromium is plated on iron and steel by electrolysis 
of a solution of chromium trioxide together with a small 
amount of chromium sulphate. 

Electrotyping 

Copies of type which has been set up are made to save 
wear and tear of the type and also to avoid resetting the 
type or keeping it standing for later editions of books. 

A wax cast of the type is made, and this is dusted 
with powdered graphite, a form of carboti which is a good 
conductor of electricity. This is immersed in copper 
sulphate solution and coppbr is deposited on the graphite, 
a copper anode being used. A copper deposit of one- 
sixteenth of an inch is obtained, and this is removed. 
Suitably backed with soft metal (type metal) and mounted, 
jt produces perfect copies of the type. 

Statues, medals, woodcuts, etc., can be reproduced 
faithfully by this method. A reverse of the object is 
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made in gutta-percha, dusted with graphite powder, ancJ 
copper-plated. The copper coating is removed, and, 
suitably barked, may be used to cast further reproduc- 
tions. 

Electrolytic manufacturing processes 

Many metals are prepared or refined by electrolysis of 
fused compounds or solutions of salts of the metals. 
I'hese will be described under the headings of the metals 
concerned. 


QUESTIONS 

1. Explain what is meant by the terms: electrolysi*;, elec- 
trolvte, voltameter, electrode, anode, cathode. 

2. State Faraday’s laws of electrolysis. 

3. Write an account of the electrolysis of copper sulphate 
solution, using (a) platinum electrodes, (6) copper electrodes. 

4. Explain how the equivalent of a metal can be measured 
by means of electrolysis of one of its salts. 

6, Wiite an account of the ionic hypothesis. 

6. Write an account of the commercial applications of 
electrolysis. 
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SOLUTION AND CRYSTALLIZATION 
Solution 

If some crystals of copper sulphate arc shaken up 
with water, it is seen that the solid soon disappears and 
a homogeneous clear blue liquid is formed. The copper 
sulphate is dissolved in the water. The clear blue liquid 
is called a solution of copper sulphate in water. The 
substance dissolved, in this case copper sulphate, is 
called the solute. The liquid in which the solute is 
dissolved is called the solvent, 

If more and more copper sulphate crystals are added 
and shaken up, they will continue to dissolve until a de- 
finite amount of solid is in solution, after which further 
addition of copper sulphate will result merely in the 
excess solid remaining undissolved at the bottom of 
the solution. Such a solution is said to be saturated. 

If the above saturated solution, together with the 
excess solid, is heated gently, it will be notired that more 
of the crystals dissolve as the temperature is raised, 
until perhaps it has all dissolved and the solvent could 
dissolve more. The solution is now no longer saturated, 
and so at this higher temperature a saturated solution 
will contain more solute dissolved in the same amount 
of solvent than is possible at the lower temperature. It 
is seen, then, that in order to express the solubility of 
a sub^stance in any particular solvent, the temperature 
must be stated. 

Solubility. — The solubility of a substance in a given 
solvent at a given temperature is the mass of that substance 
that will dissolve in 100 gm. of the solvent in the presence 
of excess of the solute. 
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Solubility Curves 

It is convenient to express the solubility of a substance 
graphically by means of solubility curves, the horizontal 
axis of the curves measuring the temperature and the 
vertical axis the solubility, the latter being expressed as 
grammes of the solute per 100 gm. of solvent (fig. 15). 



It is seen from these curves that the solubility in- 
creases regularly with rise in temperature. Also it is seen 
that both the solubility and the rate of increase of solu- 
bility with rise of temperature are different for different 
salts. With certain salts, however, there is observed a 
decrease in solubility with rise in temperature, but the 
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general rule is; increase in solubility with rise in tem- 
perature. 

D^ermination of the solubility of a salt in water 
at a certain temperature 

Into a beaker pour about 50 c.c. of distilled water and 
add some of the salt. Stir and warm to increase the rate 
at which the salt dissolves, adding more of the salt, as 
necessary, so that at about 10° above the required tem- 
perature there is some excess of the solute at the bottom. 
Stop stirring and allow it to cool to this temperature. 
As soon as the required temperature has been reached, 
quickly but carefully decant a portion of the clear solu- 
tion into a weighed eVaporating basin and weigh again. 
Evaporate to diyness on a steam bath, allow the evapor- 
ating basin to cool, and weigh again. The results are 
calculated as follows: 


Solubility of potassium chlorate in water at 
50° C. 


Weight of evaporating basin — 16*31 gm. 

Weight of evaporating basin -h solution — 72*43 gm. 

Weight of evaporating basin + potassium chlorate 

^ = 24*83 gm. 

Weight of water in solution 72*43 ' 24*83 e= 47*60 gm* *• 
Weight of potassium chlorate in this solution 

= 24*?3 - 15*31 = 9*62 gm. 

i.e. at 50® C,, 

47*60 gm. of water dissolve 9*52 gm. potassium chlorate. 


and 100 


»» 


#» 


9*52 

47*60 

•9*52 X 100 
47*60 


= 20*0 gm. potassium chlorate. 


i.e. The solubility of potassium chlorate is 20 gm. per 100 gm, 
of water at 60® C. 
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Solvents other than water 

While water is the commonest and most important 
of solvents, there are many others used to a great extent 
in everyday life, a few of which may be mentioned. 

Alcohol dissolves resins and many other substances. 
A solution of iodine, itself a solid, in alcohol is called 
tincture of iodine, and is used for cuts and bruises. 
Methylated spirit is mostly ethyl alcohol (there are a 
large number of alcohols; ethyl alcohol is the ordinary 
one which is present in beer, wines, and spirits), but it 
also contains another alcohol, methyl alcohol, and some 
colouring matter and other substances. These addi- 
tions make it distinctive and unpleasant, and render it 
exempt from the duty put on alcohol used for drinking 
purposes. 

Petrol and benzene dissolve grease and so are used 
for cleaning clothes, etc. They also dissolve rubber, 
making the rubber solution used for repairing punc- 
tures. 

Ether dissolves oils, fats, and resins, and so is a very 
useful solvent. Great care must be observed not to have 
a naked flame near ether, as it is extremely inflammable. 

Supersaturation 

It is found that in some cases a hot saturated solution, 
free from solid, can be cooled without crystals deposit- 
ing, even though the solubility curve shows that the 
solubility decreases with fall in temperature. It seems, 
then, that under certain conditions a solution may con- 
tain more solute than is necessary to form a saturated 
solution. Such a solution is said to be supersaturated. 
A supersaturated solution cannot exist in the presence 
of solid solute, and therefore if a crystal of the solute is 
added to such a solution, the excess solute will at once 
be precipitated. This explains why we put the phrase 
“ in the presence of excess of the solute in our de- 
finition of solubility. 
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Supersaturation may be readily demonstrated in the 
-case of sodium thiosulphate (photographers’ “ hypo ”). 
Place a little water in the bottom of a boiling tube, and 
add crystals of sodium thiosulphate until the tube is 
nearly full. Heat gently until all the crystals have dis- 
solved. On cooling, keeping the tube vertical and still, 
the contents will remain liquid : we have a super- 
saturated solution. Now add a single small crystal to 
the solutiom Immediately crystallization commences, 
starting from the top and spreading downwards, until 
nearly the whole contents of the tube are crystals. The 
little remaining liquid at the bottom is a saturated 
solution. It will be observed that heat is given out as 
precipitation takes place. 

Water of crystallization 

^ /Place some crystals of copper sulphate in a test-tube 
fitted with a rubber stopper and right-angled delivery 



tube heading to another test-tube surrounded by cold 
water in a beaker (fig. 16). 

On heating the crystals gently, a colourless liquid is 
seen to condense in the vertical test-tube, and the blue 
crystals in the other tube turn to a white powder. The 
liquid collected is found to be water. 

The same result is obtained if the experiment is* 
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repeated with certain other substances, for example, 
sodium carbonate (washing soda), ferrous sulphate, and' 
sodium sulphate crystals. The powder left after driving 
the w,ater off is anhydrous (i.e. without water) copper 
sulphate. The water was combined with it to form the 
crystals. 

Water which combines with a substance causing that 
substance to form crystals is called water of hydra- 
tion, or water of crystallization. Thfi compound 
of a substance with water is called a hydrate, and it*is 
found that a definite number of molecules of anhydrous 
substance combine with a definite number of molecules 
of water to form the hydrate: 

e.g. CUSO 4 + 5HoO = CuSO^-SHA 


Some substances form more than one hydrate. We 
shall come across various examples of this later. 

It was noted that whereas hydrated copper sulphate 
is blue, the anhydrous salt is white. As soon as the white 
powder comes into contact with water the blue colour 
of the hydrated salt is observed. This colour change 
affords a good test for water, as we shall see. Anhydrous 
copper sulphate is used to test shooting boots for water- 
tightness. 

It is to be noted that not all crystalline substances 
contain water of hydration. Some common salts which 
do not are: sodium chloride, potassium chloride, potas- 
sium nitrate, potassium chlorate, and ammonium sul- 
phate. 

Efflorescence and deliquescence 

Some substances lose all or part of their water of 
crystallization when merely exposed to the air. This is 
known as efflorescence. For example, it is well known 
that crystals of soda become ^ated with a white 

powder. This powder Is a lower nydrate ihafilhe jE 
t:rystalfty* containing only one molecule of water of 
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hydration to one molecule of sodium carbonate, whereas 
the crystals contain ten: 

NaaCOa-lOHijO = + 9H2O. 

Certain substances are found to absorb moisture 
from the air, and are said to be hygroscopic. In some 
cases the water absorbed dissolves the substance, form- 
ing a saturated solution. These substances are said to 
be deliquescent, and the absorption of water vapour 
from the air to form a saturated solution is called 
deliquescence. Common examples of deliquescent 
substances are calcium chloride and sodium hydroxide. 
These substances should be kept in airtight containers. 

It is to be noted that some hygroscopic substances 
absorb water but do not make a solution. Such sub- 
stances are not deliquescent. An example of this is quick- 
lime, CaO. This absorbs water from the air, making 
slaked lime, Ca(OH)2, a while powder which remains dry. 


QUESTIONS 

1. Explain the terms; solution, solvent, solute, saturated 
solution, solubility. 

2. Describe how you would measure the solubility ol potafs- 
sium nitrate at the temperature of the laboratory. 

3. What IS meant by a supersaturated solution} Describe 
how you would demonstrate the phenomenon of supersatura- 
tion. 

4. What is meant by xvater of hydration} How would you 

ascertain if a certain crystalline substance contained water of 
hydration or not? • 

5. How would you measure the percentage of water of 
hydration in copper sulphate crystals? 

6. Calculate the percentage of water of hydration in washing 
soda crystals, Na 2 C 05 - 10 H,O. 

7. Explain what is meant by tlie terms deliquescence and 

efflorescence. Distinguish between deliquescent substances and 
hygroscopic substances. * 
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THE AIR: OXYGEN 

to 

Animals and plants need air in order to live. You 
know that you are constantly using air in your breathing, 
and you have experienced discomfort and headache 
when too many people have been for some time m a 
badly ventilated room. Fishes get their air from the 
water, because air dissolves to a sufficient extent in the 
water and they have the means of extracting it for their 
own use. 

Substances need air in which to burn. You have 
noticed, no doubt, that a coke or anthracite stove burns 
fiercely when the air inlet at the bottom is well open, 
but slows down and finally goes out if it is closed. You 
could not possibly live in a gasometer full of gas, but if 
you could by some means enable yourself to do so you 
would be able to sit on the bottom with gas all around 
and strike matches to your heart’s content. They would 
not be able to burn, because there is no air there. The 
gas could not burn, for the same reason. 

t erm combustion in c ludes other processes th an what^js 
ge ofira l ly . mMnt by hiirning. For example, the rusti^ 
oLixQn.'dXisi. AtLiarniahiog of metals are xi^sea*.^^ 
■hustion>...aa(l,can , take^^laoELim^^ air is .pmsajot- 

Examination of the combustion of magnesium. 
— Place about six inches of magnesium ribbon in a 
weighed crucible (with lid) and weigh again. Heat 
gently with the lid off until the magnesium begins to 
burn, and then take away the Bunsen burner and place 
the lid on the crucible. When the bright light dies down,’ 
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6pen the lid a little, using crucible tongs. It will be 
noticed that as more air gets in the burning continues 
more fiercely. When this no longer happens, heat again 
until all the magnesium is burnt, allow it to cooj, and 
weigh again. 

A gain in weight is observed. That is, the white ash 
weighs more than the metal before it was burnt. This 
experiment may be repeated using copj)er instead of 
•magnesium.* There is no flame in this combustion, but 
the same result is obtained: the black copper ash weighs 
more than the metal before it was burnt. 

What about a piece of wood, or a candle ? Our every- 
day observation indicates that these do not weigh more 
after burning than before. Yet the answer is: Yes, they 
do, but some of the products, being vjcjjaiilg, disappear 
into the air. You can smell some of them, and observe 
the soot. But if they are collected by something that will 
absorb them, it will be found that the products of the 
burnt candle and wood weigh more than the original 
substances. 

Our next question is: where does this extra matter 
come from? I'he most obvious guess is: the air. This 
is correct. 

Place a small piece of phosphorus in a deflagrating 
spoon, warm it until it begins to burn, and plunge.it 
into a bell jar standing in a trough of water (fig. 17). The 
phosphorus burns for a time, giving off dense white 
fumes. Soon the flame dies down and goes out. The 
water in the trough is seen to have risen up the bell jar. 
Measurement shows that approximately i of the air has 
been used up. On witjidrawing the phosphorus into 
fresh air, it immediately starts to burn again. Let it 
finish in the fume cupboard. 

This experiment may be repeated without igniting 
the phosphorus first. It burns slowly without a flame, 
and after a few days the burning will have stopped and 
I of the air will have been used up. 

Iron mav be rusted in an enclosed soace of air bv 
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wetting the inside of a gas jar with water, sprinkling iron 
filings inside so that they stick, and inverting over a 
trough of water. Again, after a few days it is seen that 
about^i of the air has been used up, and the remaining 
f will not allow anything to burn in it. 

It is clear, then, that air is necessary for combustion, 
that i of the air is used up when combustion takes place, 
and that it is the weight of this part of the air that causes 
the increase in weight of the substance Burnt. The' 
remaining | of the air will not support combustion. 



Fig. 17 


The active part of the air, necessary for burning and 
supporting hie, and used up when doing so, is called 
oxygen. The remaining inactive part of the air is mostly 
a gas called nitrogen. 


OXYGl^ 

J0fccurrence 

Oxygen occurs in the uncombined state in the air to 
the extent of 21 per cent by volume, or 23 per cent by 
weight. Combined, it occurs in the earth to a very large 
extent, very nearly half the weight of the earth’s crust 
being due to oxygen. Among the thousands of oxygen 
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compounds occurring naturally water may be mentioned, 
and 89 per cent by weight of water is oxygen. 

/^Elistory 

Oxygen w^as first prepared by the Swedish chemist 
Scheele in 1772. It was also discovered independently 
by Priestley in 1774, Priestley prepared his oxygen by 
^/heating mercuric oxide. 

Laborgitory preparation 

Oxygen is generally prepared in the laboratory from 
potassium chlorate, using manganese dioxide as a catalyst. 

Potassium chlorate crystals are crushed in a mortar and 
mixed with about J of their weight of manganese dioxide. 



This ‘mixture is often referred to as oxygen mixture ' , 
and a supply ready mwied is sometimes kept in the 
laboratory. Some of the mixture is placed in a hard 
glass test-tube held horizontally and fitted with delivery 
tubing (fig. 18). The gas is collected over water. 

On heating, the potassium chlorate decomposes into 
potassium chloride and oxygen: 

2KC10a == 2KC1 + 30a. ^ 
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The manganese dioxide, as has been said, behaves as 
a catalyst, in that it increases the speed of the reaction 
at a given temperature. This has the effect of enabling 
the process to take place rapidly at a lower temperature 
than is possible without the manganese dioxide. The 
latter is left unchanged after the reaction. 

Another method used in the laboratory for the pre- 
paration of oxygen is by adding water to ‘sodium per- 



, Fig. 19. — Preparation of Oxygen from Sodium Peroxide 

oxide. Sodium hydroxide is formed in addition to the 
oxygen. This method is convenient and has the advan- 
tage of giving oxygen of a high degree of purity. .The 
water is allowed to drip on to the sodium peroxide from 
a dropping funnel, that is, a funnel fitted with a tap, so 
that the rate at which the water drips through can be 
controlled (fig. 19). Thus the rate at which the oxygen 
is evolved can be controlled. No heating is necessary. 

2NaPa + 2HaO iNaOH H- Og. 

(podium (sodium 

ptfuxide) hydroxide) 

(fOSB) a* 
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Other methods by which oxygen may be prepared are: 

(a) By heating mercuric oxide in a hard glass test-tube. 
Oxygen and mercury are the products, the mercury 
vaporizing and condensing as a mirror on the upper, 
cooler part of the test-tube. * 

(A) By heating higher oxides of certain metals, for 
example, red lead or manganese dioxide. Oxygen is 
evolved and a lower oxide formed: 

2Pb304 == 6PbO + Oa. 

(r«d lead) (litharge) 

(c) By heating certain other compounds rich in oxygen. 
One example (potassium chlorate) we have discussed. 
Others are potassium nitrate and sodium nitrate, the 
nitrite being formed in each case: 

2KNO3 = 2KNO2 + Og. 

(potassium (potassium 
nitrate) nitrite) 

Industrial preparation 

The two commonest substances containing oxyg^f 
are air and water, and so it would seem that the gas 
might be prepared on a large scale from either. This is, 
in fact, the case. 

Preparation from air. — Air is first liquefied by 
allowing compressed air to expand through a valve. 
This cools the air, which is made to circulate again 
and is recompressed and again forced through the 
valve,* when it is cooled still more. The cold air, re- 
turning from the valve to be recompressed, is made 
to cool still further tlje air approaching the , valve. 
Finally, the cooling is sufficient to liquefy the air, and 
liquid air collects below the valve. 

Since air is a mixture and not a compound, its con- 
stituent substances boil at different temperatures. The 
boiling-point of nitrogen is —195® C. and that of oxygen 
— 182® C. Hence, on allowing liquid air to boil, the nralJ^ 
gas given off will be largely nitro^n, the liquid left bdiigj 
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n mixture which is mostly oxygen. The process has been 
perfected so that almost pure oxygen is obtained. 

The gas is compressed at 120 atmospheres into steel 
cylinders for transport and use. 

Preparation from water. — Although most of the 
oxygen used commercially is made from air, it is also 
prepared as a by-product in the preparation of hydro- 
gen by the electrolysis of water. The oxygen produced 
by this means is, like the hydrogen, very pure. 


l^roperties of oxygen 

Oxygen is a colourless, odourless gas slightly denser 
than air. It is soluble to a small extent in water. On 
cooling it liquefies to a bluish liquid. 

Oxygen will not burn, but it supports combustion, 
this is its most important property. Substances 
wjiSch burn in air do so much more readily in oxygen, 
^r example, a glowing splint of wood is rekindled when 
^Vnged into a jar of oxygen. Many metals and non- 
'iitals burn in oxygen, forming oxides. 


Burning of non-metals in oxygen 

Phosphorus. — A small piece of yellow phos- 
phorus is warmed in a deflagrating spoon. As soon as it 
begins to burn, it is plunged into a jar of oxygen. The 
phosphorus burns brilliantly and dense white fumes are 
produced. When the burning has subsided, the spoon 
is removed and the contents of the jar shaken up with 
a little water. The fumes dissolve. The solution is 
tested with blue litmus paper. It is immediately turned 
red, showing that the solution is an acidt 


4P + 602- 2P205- 

(phosphorui 

pentoxide) 

P,0, + 3H,0 = 2 H 8 PO 4 . 

(photphoric 

acid) 
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(b) Sulphur. — A similar experiment may be per- 
formed with sulphur. The sulphur burns with a beau- 
tiful violet flame, and the misty fumes of sulphur 
* dioxide formed dissolve in water, forming an acid, 
Sulphurous acid: 

S + Oo = SOjj. 

(sulphur 

dioxide) 

SO2 -f- 1X20 = H2SO3. 

(sulphurous 

acid) 

(r) Carbon. — A piece of charcoal is heated in a 
deflagrating spoon until it glows, and is quickly plunged 
into S jar of oxygen. It glows brightly in the gas, form- 
ing carbon dioxide, a colourless gas. On shaking up 
with water, some of the gas will dissolve, and the 
solution is found to turn blue litmus paper slowl}^ 
dull red. The solution is carbonic acid: IH 

' C -f“ O2 “ 

(carbon 

dioxide) 

CO2 + HP - HpOa- 

(carbonic 

acid) 

Burning of metals in oxygen 

. (a) Sodium. > — A small piece of sodium is heatecl 

in a deflagrating spoon, and as soon as it begins to burn 
is plunged into a jar of oxygen. It burns very brightly, 
giving off yellowish-white fumes of sodium peroxide. 
These fumes dissolve when shaken up with water, and 
thp solution is found to turn red litmus paper blue. 
This is due to the formation of sodium hydroxide, an 
afkali : 

2Na -1-02 = Na202. 

(sodiiim 

peroxide) 

2Na,0, -1- 2 H 2 O = 02-1- 4NaOH. 

(nod him 
hydroxide) 
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(ft) Magnesium. — This metal burns brightly in 
oxygen as it does in air, and the white fumes of mag- 
nesium oxide formed dissolve to some extent in water, 
giving magnesium hydroxide, an alkali: 

2Mg + O 2 ~ 2MgC>. 

(magnesium 

oxide) 

MgO + 1120 = Mg(OH)2. 

(magnesium 

hydroxide) 

(c) Iron. — A piece of iron wire is twisted on to the 
bottom of a deflagrating spoon and the end of the wire 
is dipped into molten sulphur. The sulphur is lit, and 
the spoon is plunged into a jar of oxygen. The burning 
sulphur heals the iron till it burns in the oxygen, 
emitting bright sparks and forming a molten globule 
of black oxide of iron, trifcrric tetroxide: 

3Fe + 20a =- FegO^. 

(tn ferric ‘ 

tetroxide) 

This oxide does not dissolve in water. 

It is seen from the above examples of reactions of 
ipetals and non-metals with oxygen that the non-metals 
form oxides which dissolve in water to form acids, and 
the metals form oxides which are either insoluble or 
dissolve in water to form alkalis. The former arc 
called acidic oxides, and the latter basic oxides 

Uses of oxygen 

We have seen that substances which burn in air (fo 
so much more fiercely in oxygen. I'his fact gives rise to 
the chief use of oxygen, namely, in the oxy-acetylene 
flame for cutting and welding steel (fig. 20). In this flame, 
where a jet of acetylene is fed with a supply of oxygen; 
temperatures as high as 4000® C. can be obtained. Other 




Fig. 20. — Oxy-acetylene Blow-pipe 
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gases, such as hydrogen and propane, are used instead 
of acetylene for certain purposes. 

Oxygen is used in flying as an aid to breathing at high 
altitudes. It is also used by doctors when a patient is 
given an anaesthetic, and generally to assist breathing in 
certain illnesses. 

Ozone (O3) 

Ozone is prepared by the passage of a gilent electric 
discharge through oxygen. This can conveniently be 



done by means of the apparatus shown in fig. 2*1. This 
consists of a double glass tube, oxygen being passed 
slowly through the space between the inner and outer 
walls. The inner tube and tlie vessel in which the appa- 
ratus stands contain dilute sulphuric acid, and platinum 
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leads dipping in these are connected to the terminals of 
an induction coil. The silent electrical discharge passing 
through the oxygen from one quantity of acid to the 
other causes partial conversion of the oxygen to ozone. 
The mixture of oxygen and ozone emerging is ‘called 
ozonized oxygen. 

Properties of ozone 

Ozone is ft colourless gas with a pungent smell sug- 
gestive of chlorine. Even small quantities of ozone in 
oxygen ^an be smelt distinctly. 

It is a powerful oxidizing agent. It liberates iodine 
from potassium iodide: 

2KI + HjjO + 03 = 2KOH 1 -f L,. 

Lead sulphide is oxidized to lead sulphate: 

PbS + 4O3 = PbSO* + 4O2. 

Sulphur dioxide is oxidized to sulphur trioxide: 

SO2 + O3 = SO3 + O2. 

Ozone causes mercury to lose its mcjbility; its surface 
darkens and it ** wets glass. This may be due to sur- 
face oxidation. 

Uses of ozone 

Ozone is used to sterilize water and air. It is also used 
for bleaching some oils. 

Formula of ozone 

When ozone decomposes, two volumes of ozone form 
three volumes of oxygen; • 

by Avogadro’s hypothesis, two molecules of ozone 
form three tnoleades of oxygen. 

But 3 .molecules of oxygen contain 6 atoms, 

2 molecules of ozone contain 6 atoms. 

1 molecule of ozone contain 3 atoms. 

The formula for ozone, therefore, is O3. 






THE PllLOGlbTON THEOHY 


105 


Allotropy 

This phenomenon of an element existing, as oxygen 
does, in more than one form, those forms having 
differfent physical, and often chemical, properties, is 
known as allotropy. Ozone is said to be an allotrope 
of oxygen. (See allotropy of sulphur, phosphorus, and 
carbon, pp. 175, 194, 203.) 

THE PHLOGISTON THEORY 

t 

One of the most important advances in the history of 
chemistry was made in connection with combustion. 
Here is a brief account of it. 

A German chemist named Stahl (16G0-J731) pro* 
pounded his Phlogiston Theory in explanation of 
the fact of combustion. He said that all combustible 
substances contain a principle of combustibility, to 
which he gave the name phlogiston. When a substance 
burns, this phlogiston escapes, air being a good 
absorber of phlogiston. The ash, or calx^ as it was 
called, is left behind, and consists of the substance 
minus its phlogiston. Thus a metal was considered to 
be a compound of calx and phlogiston. 

, Charcoal burns leaving very little ash, and so was 
considered to be very nearly pure phlogiston. Then, if 
the calx of a metal was heated with carbon, it would 
absorb the necessary phlogiston to convert it into the 
metal. The metal is indeed formed, although for a 
reason entirely different from that given by the 
phlogistonists. 

One great difficulty with \vlliich the phlogiston theorj^ 
had to contend was that it was found that the calx of a 
metal, as we saw in the case of magnesium, .is heavier 
than the metal itself. The supporters of the theory 
explained that phlogiston was the principle of levity as 
well as combustibility, and, in fact, helped to support 
, the metal in air. When this principle of levity was 
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removed, the resulting calx had lost its support and was 
consequently heavier. 

Strange as it may seem to us now, the phlogiston 
theory received universal support for many years. Its 
overthrowal was due to the industry and logical reasoning 
of the brilliant French chemist, Lavoisier (1743-94). 

Priestley, who, as we have said, discovered oxygen in 
1774, mentioned this fact in the same year to Lavoisier 
in Paris. Lavoisier realized the importance of Priestley's 
discovery, judging that this gas was the portion of the 



Fig. 22. — Lavoisier^s 12-day Experinrent 


air that combined with the metal during its combustion 
to produce the calx. His famous quantitative experiment 
to prove this was, briefly, as follows. 

A weighed amount of mercury was heated in a clay 
retprt over a charcoal furnace for 12 days, at a temper- 
ature just below the boiling-point of the mercury. The 
open end of the retort lei to an enclosed volume of air 
hi a bell jar over mercury, as is shown in fig. 22. By this 
time there was no further change in the volume of the 
air in the bell jar, and Lavoisier found that combustion 
erf some of the mercury had taken place, forming 46 
grains of the red calx on the surface of the mercury 
in the retort. The volume of air in the bell jar had. 
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diminished by 8 c. in. The gas left in the bell jar would 
not support combustion or life. 

He now collected the 45 grains of calx of mercury and 
heated it, as Priestley had done, and collected the oxygen. 

Lavoisier found that: 

(1) 41 grains of niercury were formed from the calx, 

making up the original amount of mercury 
started with. 

(2) 8 c. in. of oxygen were evolved froiA the calx of 

mercury, making up the loss in volume of the 
air due to the combustion of the mercury. 

(3) This oxygen supported burning and life vigorously, 

and, added to the residual air in the bell jar, 
made ordinary air. 

Lavoisier, by this and many other experiments, proved 
that when combustion of a metal takes place, it uses up 
part of the air, oxygen, combining with it to form the 
calx, or oxide. The remainder of the air, mostly nitrogen, 
takes no part in the combustion, merely diluting the 
oxygen and making the process less vigorous. 

Lavoisier gave the name oxygen (meaning acid- 
former) to Priestley’s gas, because he found that the 
oxides of certain non-metals dissolve in water, forming 
acids, and he assumed that it was the oxygen that 
caused the acidity. We know now, of course, that he 
was wrong, because oxides of metals do not give acids, 
and some acids do not contain oxygen. 

Priestley, whose discovery of oxygen was the imme- 
diate cause of Lavoisier’s experiments which overthrew 
the phlogiston theory, himself remained all his life an 
ardent supporter of that theory. He called oxygen 
“ dephlogisticated air 
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QUESTIONS 

1. Describe the laboratory preparation of oxygen. « 

2 What weight of potassium chlorate is necessary to pre- 
pare 500 c.c. of oxygen at S.T.P. ? ^ ^ 

3, Write an account of experiments you would perform to 
illustrate the properties of oxygen. 

4. How is efttygen prepared commercially? 

6. Write an account of the uses of oxygen. 

6. What is meant by combustion} Give examples. 

7. Write an account of the phlogiston theory of combustion. 

8. Describe Lavoisier’s experiments and explain how liis 
results led to the overthrowal of the phlogiston theory. 

9. Describe how you could obtain ozonized oxygen. What 
are its principal properties? What evidence is there tliat 
ozone is an allotrope of oxygen, and that its formula is O3? 
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HYDROGEN: WATER 

Occurrence 

Hydrogen occurs in the free state to a very smaH extent 
on the earth, but to a large extent in the sun and other 
stars. Combined, it occurs in large quantity in thousands 
of compounds; for example, in water and oils. Com- 
pounds of hydrogen are present to a large extent in all 
animals and vegetables. 

History 

Hydrogen was first prepared and carefully investi- 
gated by Cavendish in 1766, by the action of dilute 
sulphuric acid on iron, although the gas had probably 
been previously obtained by Van Helmont and Boyle. 

Laboratory preparation 

*The usual method of preparing hydrogen in the 
laboratory is by the action of zinc and dilute sulphuric 
acid. > 

The zinc granules arc placed in a Woulfe bottle fitted 
with a thistle funnel and delivery tubing which leads to 
a gas jar inverted over water (fig. 23). When dilute 
sulphuric acid is poured down the funnel, hydrogen is 
evolved^ zinc sulphate solution being left in the bottle: 

Zn H 2 SO 4 = ZnS 04 “f" H 2 . 

Although the above is the most usual laboratory 
method for the preparation of hydrogen, the gas can 
jalso be prepared by the action of various metals and 
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dilute hydrochloric or sulphuric acid; for example, 
magnesium, iron, and aluminium: 

Mg + H^SO. =MgSO, + H 2 . 

Mg + 2HC1 = MgCU + Hg. 

Fe + H 2 SO 4 = FeS 04 + H*. 

Fe + 2HC1 = FeCla + Hj. 

2A1 + SHjiSO* = Al2(S04)3 + SHj. 

2A1 + 6HC1 = 2 AICI 3 + SHj. 

• i * 



Hydrogen is also liberated from nitric acid by mag- 
nesium, if the acid is very dilute. A few drops of ordinary 
laboratory dilute nitric acid to half a test-tube of water 
will give the requisite dilution. 

Mg + 2HNO, = Mg(N08)* - 1 - H*. 

Potassium, sodium, and calcium will liberate hydrogen 

from cold water: 

"t 

2K + 2H80 = 2KOH -f Hg. 

2 Na + 2HgO = 2 NaOH H*. 

Ca + 2H,0 « Ca(OH)g + H,. 
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formed. -- Hydrogen is prepared from zinc and dilute 
sulphuric acid in a Woulfc bottle (fig. 24), and dried by 
passing it through a U-tube containing lumps of calcium 
chloride. This leads to a jet from which the gas is 
burnt. • A convenient jet can be made by attaching a 
blowpipe to the gas-delivery tubing; this overcomes 
the disadvantage of a glass jet, which melts at the tip 
and closes up. 

Before the gas is lit, it must be tested to^make sure 
that there is no air with it, or a dangerous explosion may 



Fig — Formation of Water by burning Hydrogen 


occur. To do this, hold a test-tube over the jet for a few 
seconds and test the gas collected with a lighted splint. 
A squeaky “ pop’’ indicates a mixture of gas and air; 
quiet burning indicates hydrogen free from air and safe 
to light at the jet. 

The hydrogen flame is allowed to impinge on to a 
cold surface, provided by a round-bottomed-flask through 
which cold water is passed. Very soon drops of a colour- 
less liquid are seen to collect on the cold surface, and 
these may be collected on a watch glass placed below. 

The liquid is shown to be water by placing a drop on 
some anhydrous copper sulphate. The white powder is 
turned blue. (See Properties of Water, p. 116.) 

(rsss) 
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Nascent hydrogen . 

The hydrogen molecule consists of two atoms, but 
when hydrogen is prepared, the atoms are liberated 
singly. They soon join up into pairs, however, fto form 
molecules. The single atoms are much more active 
chemically than the molecules, and at the moment of 
liberation, hydrogen is found to take part in chemical 
changes with certain substances which do not occur 
when molecules of the gas are allowed to come into 
contact with those substances. Such hydrogen is called 
nascent^ meaning “ newly born 

Atomic hydrogen is also formed when the gas is passed 
through an electric arc. 

Uses of hydrogen 

Hydrogen is used for the manufacture of ammonia, 
as a fuel (coal gas and water gas each contain hydrogen), 
in the hardening of oils to produce fats (for example, 
margarine), in the “ hydrogenation ** of coal to produce 
oils, for the oxy-hydrogen blowpipe, and to fill balloons. 

Atomic hydrogen is used for welding. The gas is 
passed through an electric arc between tungsten elec- 
trodes, when a proportion of hydrogen molecules split 
up into atoms. Just beyond the arc these atoms combine 
again to form molecules, and in doing so give oift a 
large amount of heat. Ihe extremely high temperature 
reached, the high rate at which the heat can be applied 
to a surface, and the fact that oxidation caimot take place, 
all make the atomic hydrogen flame very efficient for 
welding, particularly for difficult alloys, e.g. those con- 
tdining chromium, manganese, tungsten, and aluminium. 

WATER, H,0 ^ 

, Occurrence 

J8^ea water is about 96 per cent pure water, numerous 
salts being in solution, the most common of which is 
sedium chloride. 
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Spring and river water are purer than sea water, 
the substances in solution depending upon the locality. 
In many natural waters calcium and magnesium salts 
are pregent, and these cause what is known as hardness 
in the water. There is also a varying quantity of solid 
matter in suspension in river water. 

Rain water is very nearly pure. A small amount 
of gaseous matter is found in solution, and dust and 
other matter from dirty air are found dissolved and 
in suspension in town rain water. 

I>istilled water. — This is the purest water m use, 
except in very particular cases. It contains a small 
amount of gaseous matter in solution, and also a very 
small quantity of glass or metal dissolved from the 
distilling apparatus. This is negligible for ordinary 
use (e.g. storage cells) and experimental work, but for 
measurements of conductivity of solutions it is not 
good enough, and specially pure water — “ conduc- 
tivity water ” — has to be prepared. This is done by 
a difficult and lengthy process; conductivity water is 
expensive. 

Properties ^ 

Water is a colourless, odourless liquid, boiling at 
100° C., and freezing at 0° C. It has a density of 1 gm. 
per cubic centimetre, and its refractive index is 1*333. 

Water turns white anhydrous copper sulphate blue, 
causing the formation of the hydrated salt, CuS 04 * 5 H 20 . 
This is used as a test for water, but it must be borne in 
mind that the colour change to blue only indicates that 
water is present, not that the jubstance is 4 >ure water. 
To ascertain that the substance is pure water, one or 
more of the above physical properties is measured, for 
example, the refractive index. It is often advantageous 
to choose this property for testing because the measure- 
ment can be made to a high degree of accuracy with a 
very small quantity of the liquid. 

‘Water is, as we have seen, a common and useful 
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solvent. It combines, as water of crystallization, with 
certain salts to form hydrated salts. . ^ 

Goi^position of water 

-- ^Qualitative. — That water is a compound of hy- 
drogen and oxygen is indicated, though not proved, 
by the fact that water is formed when dry hydrogen 
burns in air. 

However, it can be shown that when pure hydrogen 
is burned in oxygen, water and nothing but water is 

formed. Similarly, a mixture 
'' of hydrogen and oxygen can 

r \ be exploded and the product 

1 proved to be water only. 

= ^ Quantitative — by vol- 

W ume. — This is best done 

TO iNDuaioN eudiometer method. 

1. A eudiometer is a graduated 

|m glass tube closed at one end, 

f- with two pieces of platinum 

wire fused into the closed 
end to make a spark gap. 
I- The eudiometer is filled with 

|w mercury and inverted over a 

1 vessel of mercury (fig. 25). 

~ Hydrogen is bubbled in, 

-£~ J I and the volume admitted is 

measured. Oxygen is then 

bubbled ta sta^ty 

meter Method. measured. A spark is allowed 

to cross the gap, by connect- 
ing the platinum wires to an induction coil. This causes 
the hydrogen and oxygen to combine with explosive 
violence, forming water. 

On cooling, the volume of residual gas is measured. 
(The water formed, being a mist on the inside wall of 
the vessel, has a negligible volume.) The gas left in the 
tube must be tested to see if it is hydrogen or oxygen. 
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If it relights a glowing splint of wood, it is oxygen; if 
it extinguishes a glowing splint, but bums when a lighted 
splint is applied, it is hydrogen. Thus the relative volumes 
of hydrogen and oxygen that have combined to form 
water c&n be deduced. The proportions are found to be 
2 volumes of hydrogen to 1 volume of oxygen. 

For example, if 50 c.c. of hydrogen and 50 c.c. of 
oxygen are delivered into the eudiometer, and after the 
explosion 25 cx. of a gas which proves to .be oxygen 
are left, then the water must have been formed from 



Fig. 26. — Gravimetric Composition of Water — Dumas’ Method 


50 cx. of hydrogen and 25 c.c. of oxygen, that is, from 
2 volumes of hydrogen and 1 volume of oxygen. 

Quantitative — by weight. — This may be de- 
termined in the school laboratory by a simplification 
of the method originally used by Dumas. 

Pure dry h\ drogen is passed over heated copper oxide. 
Water is formed, and is collected and weighed: 

Hg + CuO = HgO -f Cu. 

The hydrogen is generated from zinc and dilute sul- 
phuric acid in a Woulfe bottle (fig. 26). The gas is passed 
through three U-tubes with calcium chloride. This dries 
the hydrogen, which is then passed over a weighed quan- 
tity of copper oxide in a porcelain boat, placed in a hard 
glass tube and heated strongly by a Bunsen burner fitted 
with a fiame spreader. Some of the water formed drips 
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into the little bottle and the rest is absorbed in three 
more calcium chloride U-tubes. 'Fhe unused hydrogen 
bubbles through mercury contained in a small beaker. 
This prevents moisture from the air being absorbed by 
the calcium chloride, and also provides an indidation of 
the rate at which the hydrogen is passing through the 
apparatus. 

The bottle and the three U-tubes on the right-hand 
side of the^ diagram are weighed before and after. The 
increase in weight recorded is, of course, the weight of 
water formed. 

The loss in weight of the copper oxide in the porcelain 
boat is the weight of oxygen that has gone to make this 
water. 

The difference between these two quantities must be 
the weight of hydrogen in the water. 

For example, if the increase in weight of the calcium 
chloride tubes is 0-9 gm., and the loss in weight of the 
copper oxide is 0*8 gm., then 

0*9 gm. of water contain 0*8 gm, of oxygen, 
weight of hydrogen in this water = 0*1 gm., 

i.e. 0*8 gm. of oxygen combine with 0*1 gm. of hydrogen 
to form 0*9 gm. of water. 

Hence the gravimetric composition of water is 8 parts 
by weight of oxygen to 1 part by weight of hydrogen. 
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QUESTIONS 

L Describe the laboratory preparation of hydrogen. What 
are its principal properties? 

2. What weight of sulphuric acid would be required to 
prepare hydrogen in the laboratory, if 10 gm. of zinc are to 
be used up? What volume of hydrogen at S.T.P. would be 
obtained ? 

3. How is hydrogen prepared commercially? 

4. Write an account of the uses of hydrogen. 

6. How would you show that w'hen hydrogen burns in air, 
water is formed? 

6. How would you test a liquid to see if it contained water? 
What would you do to find out whether it was pure water 
or not! 

7. What are the principal propertses of water? 

8. Describe an experiment by which you could determine 
the composition of water by volume. 

9. Describe a method by which the composition of water 
by weight can be determmed. 
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OXIDATION AND REDUCTION 

Now that we have studied oxygen and hydrogen, 
we cafi get a clear idea of what is meant by the terms 
oxidation and reduction. 

When a substance such as magnesium or hydrogen 
burns, it combines with oxygen from the air, forming 
an oxide. Such a reaction is called an oxidation. 

When oxygen is removed from a compound, that is, 
the reverse of an oxidation, the reaction is called a re- 
duction. That is, the gain of oxygen is an oxidation and 
the loss of oxygen is a reduction. 

A substance that brings about an oxidation is called 
an oxidizing agent. Oxygen, then, is an oxidizing agent. 

A substance that brings about a reduction is a reducing 
agent. Hydrogen is a reducing agent, because it can take 
oxygen away from certain compounds. 

Ilowever, the terms oxidation and reduction have come 
to mean much more than is indicated above. Since 
hydrogen is instrumental in removing oxygen, i.e. in 
reducing, the addition of hydrogen to a substance is 
called a reduction, even though no oxygen may be con- 
cerned in the change at all. 

We saw in the chapter on electrolysis that hydrogen 
and metals travel to the cathode, that is, the negative 
electrode. Hydrogen and metals are said to be electro^ 
positive elements. Oxygen and other non-metals and 
acid radicals travel to the anode, that is, the positive 
electrode, and these are said to be electronegative elements 
and radicals. 

The term oxidation is now used to include, besides 

ISO 
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oxygen, all electronegative elements or groups, and 
similarly reduction includes all electropositive elements. 
Thus* 

Oxidation is a chemical change during which there 
is a gain of oxygen or other electronegative ehment or 
groupy or a loss of hydrogen or other electropositive 
element or group. 

Reduction is a chemical change during which there 
is a gain of hydrogen or other electropositive element or 
groupy or a loss of oxygen or other electronegative element or 
group. 

Some good oxidizing agents are: 

Oxygen, nitric acid, ozone, chlorine, manganese 
dioxide, hydrogen peroxide. 

Some examples of oxidation which we have already 
discussed are: 

Magnesium and other elements burn in air to form 
oxides. 

Iron is oxidized by steam to form iron oxide. 

In the Bosch process for the manufacture of hy- 
drogen, carbon is oxidized by steam to carbon 
monoxide, and the carbon monoxide oxidized by 
more steam (over a catalyst) to carbon dioxide, 

^ Some good reducing agents are : 

Hydrogen, nascent hydrogen, carbon, carbon mon- 
oxide, hydrogen sulphide, sulphur dioxide. 

Hydrogen will reduce many metallic oxides to the 
metal, when passed over the heated oxide: 

e.g. CuO + Hg — HgO + Cu. 

Carbon will similarly redtice many metallic oxides. 
This is often done by heating strongly a mixture of the 
oxide and powdered charcoal: 

2PbO + C == COg + Pb. 

We shall come across many other examples of oxida-<i 
tion and reduction in the course of our study of chemistry. 
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ACIDS, BASES. SALTS 

^cids 

We saw that non-metals give lise to acidic oxides, that 
is, oxides that dissolve in water to form acids.* It is 
necessary to consider what we mean by an acid. The 
three commonest acids used in the laboratory are sul- 
phuric acid, hydrochloric acid, and nitric acid, and 
there are otjiers which we must study. Although these 
acids differ in their properties, they are all found to have 
common characteristics which group them together as 
substances of one class, namely, acids. These are the 
chief characteristics: 

Acids generally have a sour taste. 

Acids turn blue litmus red, and other “ indicators ” 
also give colour changes (p. 126 ). 

Acids generally corrode metals. 

Acids react with carbonates, giving off carbon dioxide 
gas. 

Acids contain hydrogen, and when part or all of this 
hydrogen is replaced by a metal we get a sub- 
stance known as a salt. 

For example, if we replace the hydrogen in hydro- 
chloric acid by sodium, we get sodium chloride: 

HCl ^ NaCl. 

In sulphuric acid, however, there are two atoms of 
hydrogen in a molecule of the acid, and so we can replace 
either one or two: 

H2SO4 NayS04 or Na2S04. 

The orthophosphoric acid molecule has three replace- 
able hydrogen atoms : 

^ H3PO4 NaH 2 P 04 or Na 2 HP 04 or Na 3 P 04 . 

The number of replaceable hydrogen atoms in a mole- 
cule of an acid is called the basidty of the acid* Thus, - 



ACIDS 


128 


hydrochloric acid is monobasic, sulphuric acid is dibasic, 
and phosphoric acid is tribasic. 

A salt derived from an acid where less than the full 
number of replaceable hydrogen atoms have been re- 
placed ‘by a metal is called an acid salt. 'Ihus, NaHS 04 , 
sodium hydrogen sulphate, may be called acid sodium 
sulphate. It should be noted that an acid salt need not 
have an acid reaction. 

Another characteristic of acids is that they react with 
bases to give salts and water only. 

Historical note on acids 

It will be remembered that in 1774 Lavoisier gave the 
name “ oxygen to Priestley’s newly-discovered gas. 
The word “ oxygen ** is derived from two Greek words 
and signifies “ acid-producer Lavoisier found that 
certain substances formed oxides that dissolved in water 
to give acids, and came to the conclusion that “ one of 
the most general properties of this element (oxygen) is 
to form acids by combining with many different sub- 
stances/’. It was generally accepted then that oxygen 
was a necessary constituent of acids. 

The discovery of two things, however, caused chemists 
(rather reluctantly) to abandon Lavoisier’s oxygen theory 
of acids. 

The first was due to Sir Humphry Davy, who showed 
that some oxides formed ^Ikalis, and not acids, with 
water. As Davy rather caustically remarked, we may as 
well call Lavoisier’s theory of acids his theory of alkalis. 

The second was that certain acids do not contain oxygen; 
hydrochloric acid is one with which you are acquainted, 
and there are others. • 

The result of this new knowledge was that it was 
generally accepted that hydrogen, and not oxygen, is tl^e 
essential element in an acid. It must be understood, as 
Davy was careful to point out, that although hydrogen 
is present in all acids and gives them their acid character- 
istics, all hydrogen compounds are not necessarily acids. 
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Bases 

We saw (p. 101) that metals give rise to basic oxides. 
They arc of two types: those which do not react with 
water, insoluble bases; and those which react with water 
to form hydroxides (soluble hydroxides being called 
all^alis). Some hydroxides, like ferric hydroxide, Fe(OH) 3 , 
are insoluble. Both soluble and insoluble hydroxides are 
bases. 

Bases, like acids, have common characteristics, the 
chief ones being as follows: 

Soluble bases turn red litmus blue, and with other 
indicators also produce the opposite colour change to that 
produced by acids. 

Bases generally liberate ammonia gas when heated 
with ammonium salts. 

Bases react with acids, giving a salt and water only. 

M I I ' ' 

Saitd 

It is seen that bases arc a sort of chemical opposite of 
acids, and that a salt is produced when these two oppo- 
sites react. A salt is a neutral substance; it has charac- 
teristics neither of an acid nor of a base; it has no effect 
on litmus or other indicators. A base is said to neutralize 
an acid, and an acid to neutralize a base. 

The relationship between metals, non-metals, acids, 
bases, and salts can be represented as follows: 

Non-metal 
I 

acidic oxide 

react with 
water 

acid 

(Note: Some acids are not 
derived from oxides, and 
contain no oxygen.) 

SALT + WATER. 


Metal ^ 

I 

basic oxide 
\ 

react with * 
water 
\ 

insoluble base hydroxide 


bases 


ACID -4- BASE 
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Preparation of salts 

(i) From an acid and an insoluble base, e.g. 

• CuO + H2SO4 = CUSO4 + H2O. 

Add the insoluble base to the dilute acid, warming 
if the reaction is somewhat slow, until the solution is 
neutral to litmus and excess base is on the bottom of 
the beaker. (Do not dip the litmus paper in the solution; 
take out a drop of the liquid on the end of the stirring 
rod and touch the litmus paper with it.) Filter and 
evaporate the filtrate. ' ' 

(ii) From an acid and an alkali, e.g. 

NaOH + HCl = NaCl + HgO. 

Add the dilute acid, a little at a time and stirring the 
while, to a solution of the base until a drop of liquid 
extracted is found to be neutral to litmus. Filter if the 
liquid is not clear. Evaporate. 

(iii) From a metal and an acid, e.g. 

Zn “|- ZnSO^ -b 1^2* 

Add the metal to the dilute acid until effervescence 
ceases and excess metal is on the bottom of the beaker. 
The solution on testing is found to be neutral. Filter. 
Evaporate. 

(iv) From a carbonate and an acid. 

(а) An insoluble carbonate^ e.g. 

CUCO3 + 2HNO3 = Cu(N03)a + H2O + COa. 

• 

Add the carbonate to the dilute acid until no more 
effervescence occurs and excess of the solid is at the 
bottom. The solution is now found to be neutral. Filter 
and evaporate. 

(б) A soluble carbonate^ e.g. 

NagCOa + 2 HC 1 - 2NaCl + HaO + CO^. * 
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Add the dilute acid, a little at a time, stirring, to a 
^solution of the carbonate until a drop of liquid extracted 
proves to be neutral to litmus. Filter if the liquid is not 
clear. Evaporate. 

(v) From two salts (double decomposition). 

This method is used to prepare insoluble salts, and 
this type of reaction, double decomposition, occurs fre- 
quently in qualitative analysis, e.g. 

' AgNOg + NaCl = AgCl + NaNOj. 

(insoluble) 

A soluble silver salt and a soluble chloride are chosen 
to prepare insoluble silver chloride. The sodium nitrate 
formed is soluble, and so the silver chloride appears 
separately as a precipitate. 

Indicators 

Litmus has been mentioned above as an indicator. 
Inhere are two others in common use, methyl orange and 
phenolphthalein. Their colours in acid, alkaline, and 
neutral solution are given in the table: 


Indicator 

In Acid 
Solution 

In Alkaline 
Solution 

In Neutral 
Solution 

Litmus 

red 

blue 

■ ■ 4 

purple 

Methyl orange 

pink 

yellow 

orange 

Phenolphthalein 

colourless 

red 

colourless 
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QUESTIONS 

1. What is meant by the terms oxidation, f eduction, oxidizing 
agent, reducing agentl 

2. Name three good oxidizing agents, and give an example 
of an oxidation carried out with each. 

3. Describe two methods by wliich you could reduce lead 

oxide in the laboratory. , 

4. What is meant by the terms acid, base, alkah, saltl 

6. State the principal properties of acids, and take sul- 
phuric acid as an example to illustrate these properties. 

6. Explain the term basicity of an acid. What is meant 
by an acid salt} 

7. Outline Lavoisier's oxygen theory of acids, and indicate 
how it was overthrown. 

8. How would you prepare crystals of magnesium sul- 
phate, given a short length of magnesium ribbon? 

9. Describe two ways by which you could prepare crystals 
of copper sulphate 

10. How may crystals of sodium sulphate be prepared in 
the laboratory? 

11. Barium sulphate is insoluble in water. How would 
you prepare a specimen of barium sulphate in the laboratory? 

12. What weight of silver nitrate is necessary to precipitate 
3 gm. of silver chloride, by adding silver mtrate solution to 
a solution of common salt? 
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NITROGEN 

V Occurrence 

Nitrogen occurs in the free state to the extent of about 
four-fifths of the atmosphere by volume. In combin- 
ation it occurs in many salts, particularly as nitrates and 
ammonium salts. 

It is present in all animal and vegetable organisms. 

^ Preparation 

Nitrogen may be prepared from the atmosphere by 
removing the other constituents. 

An aspirator is allowed to fill slowly with water, so 
that a slow stream of air passes through a bottle con- 
taining sodium hydroxide solution, which removes the 



carbon dioxide, and over heated copper filings, which 
remove the oxygen (fig. 27). 

The sodium hydroxide solution readily absorbs the 
carbon dioxide: . 

2Na®H + C(l 2 = Na2C0j + 
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The absorption of the oxygen by the heated copper is 
slow, and so the air must be passed over very slowly: 

2Cu + ©2 = 2CuO. 

As we have removed carbon dioxide and oxygen, the 
gas collecting in the gas jar is nitrogen, if we assume that 
these three gases are the only constituents of the atmo- 
sphere. (If dry nitrogen were required, the water vapour 
in the air could, of course, be removed by passing over 
calcium chloride, and then the gas would have to be 
collected over mercury.) ^ 

Until comparatively recently it was thought that 
these were the only gases in the atmosphere, and that 
this lesidual gas was pure nitrogen. Sir William 
Ramsay, on finding that the density of atmospheric 
nitrogen was greater than that of chemically prepared 
nitrogen, assumed that the nitrogen from the air con- 
tained another inert and heavier gas. To isolate this 
gas he removed carbon dioxide, water vapour, and 
oxygen from the air, and then removed the nitrogen 
from the residual gas by passing it over heated mag- 
nesium The magnesium combines with nitrogen, 
forming magnesium nitride: 

3Mg + N 2 == Mg3N2. 

« 

He found that a small quantity of gas was left, and 
to it he gave the name argon. Later, this gas was 
liquefied, and on evaporatipn was found to consist of 
a mixture of several gases. Argon, neon, and helium 
are the most important of the inert gases, other than 
nitrogen, contained in the atmosphere. 

Argon is used to fill electric ^filament lamps. Neon is 
used for non-filament lamps for red electric signs. 
Helium, which occurs in the “ natural gas ” of American 
oil regions, is used in America for filling airships. 

Nitrogen free from other inert atmospheric gases may 
be prepared by heating a solution of ammonium nitrite. 

(FOSS) m 
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Ammonium Hitrite is, however, unstable, and so it is 
prepared as required by heating ammonium chloride 
and sodium nitrite. The resulting ammonium nitrite is 
decomposed as soon as it is foimed: 

NH4CI + NaNOg ^ NH4NO2 + NaCl. 

NH4NO2 = N2 + 2H2O. 

Notice that the first equation indicates a reversible 
reaction. The fact that the ammonium nitrite decom- 



Fig. 28 . — Preparation of Nitrogen from Ammonium Nitrite 

poses and nitrogen goes away as a gas, causes the reaction 
to proceed from left to right. 

Equimolecular proportions of ammonium chloride and 
sodium nitrite are dissolved in water and heated in a 
round-bottomed flask. The nitrogen is collected over 
water (fig. 28 ). 

Nitrogen can also be prepared by beating crystals of 
'ammonium dichromate: 

= *01203 + 4H2O + N2. 

Ammonia can be oxidized to nitrogen by chlorine or 
by copper oxide. In the case of chlorine, this gas is 
passed into a strong solution of ammonia: 

2NH3 + 3CI2 = 6HC1 + Ng. 
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(The HCl formed immediately combines with am- 
monia, giving ammonium chloride: 

HCl + NH 3 = NH 4 CI.) 

fl 

In this experiment the ammonia must be present in 
excess, otherwise there is a risk of a dangerously ex- 
plosive compound of nitrogen and chlorine being formed. 

In the oxidation of ammonia by copper oxide, the 
ammonia gas is passed over the heated copper oxide: 

2 NH 3 + 3CuO = 3Cu + 3HaO + Ng. .. 

xPTtfperties 

Nitrogen is a colourless, odourless gas with a density 
a little less than that of air. It is very slightly soluble in 
water. It does not burn or support combustion. 

It is recognized in the laboratory by its negative rather 
than by its positive properties. If we find that we have 
a colourless, odouiless gas which does not burn or sup- 
port combustion, it is almost certainly either nitrogen 
or carbon dioxide. If the gas is bubbled through lime 
water and no turbidity is observed, the gas is not carbon 
dioxide, and so we assume that it is nitrogen. 

Nitrogen has positive properties, however, and two of 
these in particular are of great importance: it combines, 
under suitable conditions, with oxygen to form nitric 
oxide, and with hydrogen to form anuijonia. The im- 
portance of these properties is that they etiable nitric acid 
and ammonia to be manufactured, the nitrogen coming 
from the atmosphere. (See pp. 142 and 137.) 

.Nitrogen combines with some metals on heating, 
forming nitrides; ^.g. 

. . ^3Mg + N, = Mg3N2. 


When magnesium bums in air, the white ash foiymed 
is mostly magnesium oxide, but some magnesium nitride 
is also present. 
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AMMONIA 

'^Occurrence 

Ammonia occurs to a very small extent in the atmo- 
sphere. Ammonium salts occur in the earth*s crust. 

^Preparation 

Ammonia is evolved when any ammonium salt is 
heated with any alkali. ‘It is usual to heat ammonium 
chloride with calcium hydroxide (slaked lime). The gas 



Fig. 29. — Preparation of Ammonia 


is dried in a drying tower containing calcium oxide (quick- 
lime), as it reacts with the usual drying agents, calcium 
chloride and sulphuric acid. It is lighter than air, and 
so is collected by downward displacement of air (fig. 29 ). 

Ca(OH)j + 2NH4CI = CaClj + 2NH3. 

If a greater quantity of gas is required, the mixture 
may be heated in a round-bottomed flask instead of the 
hard glass test-tube, but it should slope dovmwards 
towards the neck, or condensed steam will run back on 
to the hot dry mixture and crack the flask. 
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’^^ropertles 

Ammonia is a colourless gas with a distinctive pungent 
smell. ,It is lighter tlian air and is extremely soluble in 
water. The gas may easily be liquefied by compressing it. 

The extreme solubility of ammonia in water may be 
demonstrated by what is known as the fountain experi- 
ment, 

^ A round-bottomed flask is substituted for. one of the 
gas jars when collecting ammonia, and when full of the 
gas it is closed by a bung fitted with 
glass tubing as shown. The flask is 
clamped vertically with the tube under 
water in a large beaker (fig. 30). The 
ammonia begins to diffuse into the tube, 
and after some minutes water will rise 
up the tube slowly as ammonia reaches 
the water-level and dissolves. As soon 
as the water reaches the top, however, 
it will rush out of the jet in a fountain 
and finally nearly fill the flask. The 
remaining small space will be due to the 
ammonia having contained a little air. 

If the water in the beaker is first made 
slightly acid and litmus solution added, bihty of ^moma 
the red colour will be changed to blue 
as the liquid rushes into the flasks 
showing that the solution is an alkali. It contains the 
base ammonium hydroxide: 

NH3 ^ H2O = NH4OH. 

This base gives rise to a series of salts called ammonium 
salts, where the ammonium radical, NH 4 , behaves like 
the metal in other salts. For example, compare 

NaOH I HCl = NaCl + H*0 

with 

NH 4 OH + HCl = NH 4 CI + HjO. 



Fiff 30. — Solu- 
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Note that ammonia itself is not a true base, because 
yvith an acid it forms a salt but no water; 


NH3 + HCl - NH4CI. 

Ammonia, NH3, is called a basic anhydride \ with water 
it forms a true base, ammonium hydroxidejj^ 


The reaction of ammonia with hydrogen chloride is 
interesting. ^ A gas jar full of ammonia is inverted over 
a similar jar full of hydrogen chloride, each being covered 
(fig. 31). On removing the covers and allowing the gases 
to come into contact, dense white fumes of ammonium 



Fig. 31, — Action of Fig. 32. — Ammonia 

Ammonia and Hydrogen burning in Oxygen. 
Chloride. 


chloride are formed, which settle on the sides of the gas 
jar as a white powder: 

NH3 + HCl = NH4CI. 

Although ammonia does not burn in air, it does so 
in an atmosphere of oxygen. The apparatus shown in 
fig. 32 is fitted up so that when the ammonia emerges 
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from the jet it is surrounded by oxygen. The gas is..uing 
from the jet can be lit and will continue to burn: 

4NH3 + 3O2 = 6H2O + 2N5J. 

If 

As has been said, ammonia can be oxidized by chlorine 
to nitrogen. The chlorine is, as can be seen from the 
equation, reduced to hydrogen chloride. 

It was also seen that copper oxide oxidizes ammonia 
to nitrogen. At the same time, of course,- the copper 
oxide is reduced. 

Hence, ammonia is a reducing agent. 

Tests fer ammonia 

I Ammonia gas can, of course, easily be recognized 
when evolved, by its most distinctive smell. Also, it 
turns moist red litmus paper blue, and white fumes of 
ammonium chloride are formed when a stirring rod with 
a drop of concentrated hydrochloric acid on the end is 
held in the gas.j 

Ammonia in solution, and ammonium salts, can be 
detected in very minute quantities by what is known as 
Nessler^s solution. Ammonia gives a brown precipitate 
or a brownish - yellow coloration with it. To make 
Nessler’s solution, add potassium iodide solution to mer- 
curic chloride solution until the precipitate of mercuric 
iodide formed just redissolves: 

2KI f HgCla = 2KC1 + Hgl,. 

(mercuric 
iodide, ppt*) 

Hgl, + 2KI = . KJigl,. 

(potassium mercuri- 
lodide. Soluble.) 

This solution is then made alkaline with sodium 
hydroxide solution. 
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Composition of ammonia 

A long tube, marked off into three equal parts, is filled 
with chlorine (fig. 33). It is closed by a stopper fitted 
with a dropping funnel containing strong ammonia 
solution. A drop of the solution is 
allowed to fall into the tube, when a 
violent action occurs, accompanied by 
a flash and white fumes : 



2 NH 3 + 3Cla = 6HC1 + Na. 


(The white fumes are due to solid 
ammonium chloride formed from the 
hydrogen chloride produced and some 
of the ammonia.) 

More ammonia solution is admitted 
drop by drop until there is no further 
reaction. Then the solution in the 
funnel is replaced by water. On ad- 
mitting this water (the funnel must be 
kept filled up with water — one filling 
will not be enough) the hydrogen 
chloride dissolves, leaving the nitrogen. 
This is found to fill one-third of the 
tube. 

In this reaction the chlorine has 
combined with the hydrogen of the 
ammonia, and it is known that chlorine 
and hydrogen combine in equal vol- 
umes. We started with three volumes 
of chlorine, and therefore three volumes 
of hydrogen in the ammonia were used. 
It was observed that one volume of nitrogen was left. 

Hence, ammonia consists of three volumes of hydrogen 
combined with one volume of nitrogen, and so, from 
Avogadro’s principle; 

Three molecules of hydrogen combine with one mole- 
cule of nitrogen, to form ammonia. 


Fig. 33. — Volu- 
metric Composition 
of Ammonia. Hoff- 
man’s Method. 
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That is, six atoms of hydrogen combine with two 
atoms of nitrogen, to form ammonia. 

Therefore, the simplest formula is NH3* -From this 
experiment the formula could be any multiple of 'NHa. 

Density determinations, however, show that the gas 
has a density of 8*5 (H = 1). 

Therefore the molecular weight = 2x8-5= 17. 

But the atomic weights of nitrogen and hydrogen a^e 
14 and 1 respectively. , 

Hence the formula of ammonia is NH3. 

Industrial preparation 

The Haber process! — Nitrogen and hydrogen 
are found to combine in the presence of a s«iitable 
catalyst: 

Nj + 3H2 ^ 2NH3. 

In the above reversible reaction it is found that as the 
temperature rises, the speed of the forward reaction 
increases, but that of the reverse reaction increases faster, 
so that the equilibrium percentage of ammonia formed, 
decreases with rise of temperature. However, at low 
temperatures, the reaction is so slow as to be useless, 
so ^ compromise has to be reached. Matters are helped 
by the fact that increase in pressure increases the equi- 
librium percentage of ammonia. The synthesis is per- 
formed at 650^ C. and a pressure of 200 atmospheres. 
Some processes work at much higher pressures even 
than this. 

The catalyst generally used is a specially purified iron 
with molybdenum added. Th8 gases are introduced in 
correct proportions, compressed, aiid sent over the 
heated catalyst. The ammonia formed is cooled, and at 
that pressure it liquefies and is taken off. The uncom- 
bined gases are pumped back to the catalyst together 
with more nitrogen and hydrogen (fig, 34). 

The hydrogen is prepared by the Bosch process (p. Ill), 
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and the nitrogen from producer gas (p. 219) removing 
the carbon monoxide by oxidizing it with steam and 
removing the resulting carbon dioxide by washing with 
water under pressure. 



AMMONIA 

Fig. 34. — Diagram of Synthesis of Ammonia 

From gas liquor. — When coal is distilled, one of 
the products is ammonia. This is absorbed in water, 
distilled out, and converted by sulphuric acid into 
ammonium sulphate. 

MJses of ammonia V 

Ammonia is used for ice machines and refrigerators. 
The gas is compressed and «iade to liquefy in coils 



(fig. 36), Cold water circulates around these coils to 
absorb the heat given out. The liquid ammonia is forced 
through a regulating valve to the low-pressure part of the 
machine, where it evaporates and in doing so takes in 
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heat. The gas is then recompressed and the cycle 
repeated. 

Ammonia is used for softening water in laundries. 
The calcium bicarbonate in the water causing the hard- 
ness (p.^249) is changed into the insoluble carbonate: 

Ca(HC03)a + 2NH4OH = CaCOg + (NH4)2C03 + 2H2O. 

The ammonium hydroxide also helps to clean the 
articles, as it neutralizes acids and dissolves grease. 

Ammbnia is also used in the manufacture of nitric acid. 


^Ammonium salts 

Ammonium salts may readily be recognized because 
they give off ammonia gas when heated with an alkali, 
e.g. sodium hydroxide. The gas is recognized by its 
distinctive smell and by its action on red litmus paper. 

^Ammonium sulphate, (NH4)2S04, is a white 
crystalline solid soluble in water. It is produced in 
gas works, or from the ammonia made by the Haber 
process. It is used as a fertilizer and to make ammonium 
chloride. 

Ammonium chloride, NH4CI, is known as sal 
ammoniac. It is a white crystalline soluble solid which 
sublimes on heating, the vapour splitting up into 
ammonia and hydrogen chloride: 

NH4CI ^ NHg + HCL 


On cooling, the ammonia and hydrogen chloride 
recombine to form the solicj^ ammonium chloride. 

A reversible decomposition such as tliis is, called rfw- 
sodation. i.- ^ ^ 

Ammonium chloride is used ^ .tj\e ^electrolyte in Syet 
and dry Leclanch^ cells, and as a flux m solfein^? 
heat of the soldering iron causes some ammonium 
chloride to dissociate, and the hydrogen chloride cleans 
the metol, enabling the solder to stick to it. 

Apdmonium nitrate is a white crystalline soluble 
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solid, and is made from ammonia and nitric acid. It 
is used in the preparation of nitrous oxide, the nitrate 
decomposing on heating: 

NH4NO3 = N2O + 2H2O. 

It is also used as a constituent of explosives. Amatol, 
used as a high explosive, is a mixture of it and trinitro- 
toluene (T.N.T.). 


QUESTIONS 

1. How would you prepare in the laboratory nitrogen from 
the air as pure as possible^ In what ways would the gas you 
obtained differ from chemically pure nitrogen? 

2. Describe the preparation of pure nitrogen. 

3. What are the properties of nitrogen? Why is atmo- 
spheric nitrogen of great importance industrially? 

4. How would you prepare ammonia in the laboratory? 

6. What are the principal properties of ammonia? How 
would you demonstrate that it is very soluble in water? 

6. Give reasons for saying that ammonia is a reducing 
agent. 

7. Describe a method for determining the volumptric com- 
position of ammonia. For what reasons may it be assumed 
that the formula for ammonia is NH^? 

8. Describe the Haber process for the industnal preparation 
of ammonia. What are the principal uses of ammonia? 

9. What are the chief properties and uses of ammonium 
sulphate, ammonium chloride, and ammonium nitrate? 

10. What weight of ammonium chloride is necessary to 
prepare two litres of ammbnia at S.T.P.? 



CHAPTER XVI 
^NITRIC ACID 

Occurrence 

Nitric acid, HNO3, has been known from very 
early times. It was called “ aqua fortis — strong 
water. It occurs in the free state in the atmosphere to a 
small degree. Nitrates occur abund^tl^ in^:^e soil, 
particularly in Chile, where the iiiffale de- 

posits (Chile saltpetre) cover an area of over 300 square 
miles. 

Laboratory preparation 

Nitric acid is formed by the action of concentrated 
sulphuric acid on any nit^^e, and is usually prepared in 
the laboratory from potassium* nitrate. It is one of the 
few occasions on which that symbol of chemistry, a 
report, is used in a school laboratory. This is because 
in that apparatus there are no rubber or cork parts, 
which would be attacked by the acid. 

Crystals of potasMiW^'iiitrate are placed in the retort. 
Concentrated sulphurft- aicki is added and the retort 
heat^ gently. Soon brown fumes are observed, and 
nitri<?Y<S9lconden8es in the receiving flask, which is kept 
cool by a stream of water ovef it (hg. 36) : 

KNOs + HaS04 = KHSO 4 + HNOj, 

Notice that only one of the two atoms of the sulphuric 
acid molecule has been replaced by a potassium atom; 
on heating strongly, the other hydrogen atom would be 
replaced, but the higher temperature would result in 
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decomposition of a considerable quantity of the nitric 
acid. 

The acid obtained is seen to be of a yellow coloi^r, 
This ib due to the decomposition of some of the nitric 





acid, forming nitrogen peroxide, which dissolves in the 
rest of the acid, colouring it. 

.Jkldustrial preparatipn, 

(1) From sodiu^ nitrate (from the Chilean de- 
posits). — The manufacture is as described in the 
laboratory preparation above, using iron retorts ^nd 
earthenware receivers. 

(2) Birkeland and Eyde’s process. — This is one 
of the methods for the fixation of atmospheric nitrogen. 
Nitrogen and oxygen, both present in the air, are 
passed through an electric arc which is drawn out into 
a large flaming disc by means of electromagnets. Under 
these conditions small proportions of the gases combine 
to form nitric oxide: 

Na + ©2 = 2NO. 

On cooling, the nitric oxide is oxidized by oxygen 
from the air to form nitrogen peroxide: 

2NO + Oa 2 NO 2 . 
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The nitrogen peroxide and air arc washed with water» 
when nitric acid is formed: 

4NO2 + Oa + 2H2O = 4HNO3. 

In this process the nitric acid is generally converted 
by excess of lime into basic calcium nitrate, which is sold 
as a fertilizer under the name of Norwegian saltpetre, 

(3) By the oxidation of synthetic ammonia. — 
This is the most modern and most efficient process 
for the large-scale production of nitric acid.* 

The ammonia is prepared by the Haber process as 
described on p. 137. The ammonia is then oxidized by 
air, by passing the mixture over platinum as a catalyst 
at ^ temperature of 500° C. This forms nitric oxide: 

4NH3 + 50a = 4NO + 6H2O. ^ 

The nitric oxide is oxidized aftd absorbed by water 
to form nitric acid as in the Birkeland-Eyde process. 

Properties 

Nitric acid is a colourless fuming liquid, boiling at 
85° C., and having a specific gravity of 1*5. It is very 
corrosive and attacks the skin and clothes, so care has 
to be taken in its use. 

It exhibits the properties of acids; for example, it 
neutralizes bases to form salts (nitrates): 

HNO3 f NaOH = NaNOa -{- HgO. 

One important property is that it is a powerful oxidiz- 
ing agent. For example, when it reacts with metals, the 
hydrogen first produced is immediately oxidized, by 
more acid, to water, and the aQd is decomposed. Thus, 
with copper and somewhat diluted nitric acid, nitric 
oxide is formed: 

^^u + SHNOa - 3Cu(N03)a +‘ 4H2O + 2NO, 
and with lead, nitrogen peroxide is liberated: 

Pb -b 4 HNOa = Pb(NOa)2 + 2HaO + 2NOa, 
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Another example of the oxidizing action of nitric acid 
is shown in its reaction with sulphur, which it oxidizes 
to sulphuric acid: 

S + 6HNO3 = 2H2O + 6NOa + H2SO4, 

Notice that the oxidizing agent itself undergoes re- 
duction. That is, the nitric acid is reduced to nitrogen 
peroxide. 

In a similar way, carbon is oxidized to carbon dioxide, 
and phosphorus to phosphoric acid, the nitric acid in 
each case being reduced to nitrogen peroxide. 

Ferrous sulphate is oxidized to ferric sulphate, the 
nitric acid being reduced this time to nitric oxide. This 
nitric oxide combines with excess of ferrous sulphate to 
form the compound (FeS04)2N0, a brown substance. 
This reaction is used in the brottm ring test for nitric acid 
and nitrates. 

Brown ring test for nitric acid and nitrates 

To a small portion of the nitrate solution add some 
cold concentrated ferrous sulphate solution. (This is 
made by shaking up crystals of ferrous sulphate with 
water to which a drop or two of dilute sulphuric acid 
has been added.) Now pour some concentrated sulphuric 
acid carefully down the side of the test-tube. It will s(ink 
to the bottom, forming a layer under the other lighter 
liquid. Where the two liquids meet, a brown ring will 
be formed. 

The concentrated sulphuric acid first reacts with the 
nitrate to give nitric acid. This is reduced by some of 
the ferrous sulphate to ^litric oxide. The nitric oxide 
attaches itself to more ferrous sulphate to form the brown 
compound (FeSOJaNO. 



OXIDES OF NITROGEN 


lU 


OXIDES OF NITROGEN 

Nitrogen forms five oxides. They are: 

' Nitrous oxide, NgO. 

Nitric oxide, NO. 

Nitrogen trioxide, N 2 O 8 . 

Nitrogen peroxide, NOg. 

Nitrogen pentoxide, NgOg. 

l^he composition of these oxides provides an excellent 
illustration of the Law of Multiple Proportions. It is 
found that the weights of oxygen which separately com- 
bine with a fixed weight of nitrogen are in the simple 
ratio of 1 : 2 : 3 : 4 : 5. 

Nitrous oxide, NgO 

This gas is generally prepared by heating ammonium 
nitrate : 

NH4NO8 = NgO + 2HaO. 



Crystals of ammonium nitrate are placed in a flask 
and heated gently (fig. 37). The nitrate is seen to melt, 
and then decomposes, nitrous oxide being evolved. (Do 

(F» 8 d) ^ 11 
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not heat for a time sufficient to decompose all the am- 
monium nitrate, as it is liable to explode if reduced in 
bulk too much.) 

The gas is collected over hot water, as it is appreciably 
soluble in cold water. Nitrous oxide thus prepared 
generally contains a little nitric oxide as impurity. This 
can be removed by bubbling it through ferrous sulphate 
solution. 

' ..Properties. — Nitrous oxide is a colourless gas 
with a faint sweet smell. It is fairly soluble in water. 

It supports combustion more vigorously than air, but 
less so than oxygen. It does so sufficiently to rekindle 
a glowing splint of wood. 

The gas may be easily distinguished from oxygen by 
means of its faint smell, its solubility in water, and the 
fact that it does not give brown fumes with nitric oxide. 
^ Use. — The chief use of nitrous oxide is as an 
anaesthetic for minor operations, notably in dentistry. 
Hysteria sometimes follows recovery from the anaesthetic, 
and this gave rise to the name “ laughing gas 

oxide, NO 

I^tric oxide is prepared by the action of 50 per cent 
nitric acid on copper: 

3Cu + 8HNO3 = 3Cu(N03), H IHgO 1- 2NO. 

Equal volumes of concentrated nitric acid and water 
are mixed, and the mixture added through a thistle funnel 
to copper turnings in a flask or Woulfe bottle. No heating 

* is necessary. The gas is collected over water. 

Properties. — Nitric oxide is ^ colourless gas which 
will not bum but will Su*pport combustion of strongly 
burning substances. Phosphorus which is burning 

* slowly will be extinguished when plunged into a jar 
of nitric oxide; but if burning vigorously, it will con- 
tinue to do so in the gas. In the second case the heat 
of the flame is sufficient to decompose the nitric oxide 
into nitrogen and oxygen; in the first case it is not. 
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Nitric oxide has the distinctive property of forming 
brown fumes in air or oxygen, This is due to its oxida- 
tion to nitrogen peroxide: 

. 2NO + 02= 2 NO 2 . 

As this is so, it is quite impossible to say whether nitric 
oxide has a smell or not; because as soon as the gas is 
exposed, nitrogen peroxide is formed, and it is this gas 
that is smelt. 

The* action of nitric oxide with ferrous sulphate has 
already been described. The compound (FeS 04 ) 2 N 0 
formed decomposes on heating, giving off nitric oxide. 
This fact is utilized when it is necessary to prepare pure 
nitric oxide, which is done as follows: nitric acid is 
added to copper turnings as before, and the somewhat 
impure nitric oxide evolved is passed into a solution of 
ferrous sulphate. The dark brown solution formed is 
placed in another flask and heated, and the pure nitric 
oxide collected. 

.^Nitrogen peroxide, NOg 

This is generally prepared in the laboratory by heating 
lead nitrate: 

2Pb(N08)2 = 2Pb() + 4 NO 2 + O 2 * 

As a mixture of nitrogen peroxide and oxygen is dl^olved, 
the two gases must be separated. This is done by pass- 
ing them into a U-tube surrounded by a freezing mix- 
ture (fig. 38, p. 148). The nitrogen peroxide liquefies and 
the oxygen passes on. 

(Nitrates of other heavy metals giyp off nitrogen 
peroxide and oxygen on heating, but are unsuitable as 
they contain water of crystallization. This would be^ 
evolved and would condense and freeze in the U-tube.) 

The liquid nitrogen peroxide obtained is a greenish- 
yellow liquid, but when pure it is yellow. 

Properties. — Nitrogen peroxide is a red-brown 
gas with a strong pungent smell. Great care should be 
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taken in observing the smell: take a breath of air and 
then sniff a little of the gas carefully, breathing out 
strongly immediately afterwards; the gas is dangerous 
if inhaled. 

It readily condenses to a yellow liquid which boils at 
22*^ C. 

Density determinations show that the gas has the 
formula N2O4 at temperatures just above the boiling- 
point, the vapour density being 46 and the molecular 
weight therefore 92. (Ng = 2 X 14, O 4 = 4 -x 16.) 



On heating, however, the vapour density is found 
gradually to diminish, until at 100° C. and above it is 28, 
That is, the molecular weight is 46, which corresponds 
with the formula NOg. (N = 14, Og = 2 X 16.) This 
is another case of dissociation: 

Na04 ^ 2NO2. 

At 22® C. it is N2O4, at*and above 160® C. it is NOg, 
and between these two temperatures it is a mixture of 
the two. 

' Nitrogen peroxide, like nitrous oxide and nitric oxide, 
supports combustion of strongly burning substances. 
The gas is decomposed and it is the oxygen that supports 
the combustion. 
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On shaking the gas up with water, a mixture of nitric 
and nitrous acids is formed : 

2NO2 + H2O - HNO3 + HNO2. 

(nitric (nitrous 

acid't acid) 

An important property of nitrogen peroxide is that it 
oxidizes sulphur dioxide, in the presence of water vapour, 
to sulphuric acid : 

SO2 + H2O + NO2 = H2SO4 + NO. 

This reaction is important in the manufacture of 
sulphuric acid by the lead chamber process (see p. 189 ). 

V \ii NITROGEN CYCLE^^^ 

All plants need nitrogen in order to grow, the protein 
in plants (and animals) being a complex nitrogen com- 
pound. This nitrogen is obtained from nitrates in the 
soil. Most plants cannot absorb nitrogen direct from the 
air, and so nitrogen compounds in the soil are essential 
for growth. Plants decay, and some of the nitrogen goes 
back into the soil ; ( ammonium salts produced in the 
decomposition of the plant are changed by bacterial 
action into nitrites and finally into nitrates, ready to be 
absorbed again by other plants. Other nitrogen from 
decaying plants goes into the atmosphere as ammonia. 
Some plants are eaten by animals, and the nitrogen goes 
to form the protein in the animals. Other animals eat 
animals to get their protein. The excretions of the animal 
return the nitrogen compounds to the soily and when the 
animal dies, the decay of his body does likewise. 

Certain plants, called leguminous plants, can absorb 
free nitrogen from the air, and turn it, by the aid of 
bacteria on their roots, into nitrogen compounds, part of 
which are used by the plant itself, the surplus remaining 
to enrich the soil. 

Lightning and other electric discharges in the air cause 
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some of the atmospheric nitrogen and oxygen to combine, 
forming nitric oxide and finally nitric acid, which the 
' rain washes into the soij. Some ^of the nitrogen lost into 
the air as ammonia is neutralized by this nitric add and 
the resulting ammonium nitrate goes into the soil. 



Fig. 39. — The Nitrogen Cycle 


Under natural conditions this nitrogen cycle (fig. 39) 
maintains a balance and the soil remains fertile. Under 
modern conditions, however, when acres of plants are 
removed (c.g. from wheat fields) to feed people in towns, 
the loss of nitrogen from the soil is serious. This loss is 
made up by the addition of artificial fertilizers in the 
form of nitrates and ammonium salts, much of which is 
now preparedi from the atmosphere, where the supply 
of nitrogen is limitless. 
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QUESTIONS 

1. How is nitric acid prepared in the laborntory? Why is 
the sample so obtained somewhat yellow in (;olour? 

2. Describe the Birkeland-Eyde process and the ammonia 
process for the industrial preparation of nitric acid. Why 
are these two processes of vital importance to modeTii civiliza- 
tion? 

3. Give reasons for saying that nitric acid is an oxidizing 
agent. 

4. How is nitrous oxide prepared? What are its principal 
properties ? 

5. Write an accoiint of the preparation and properties of 
nitric oxide. 

6. How would you prepare nitrogen peroxide in the 
laboratory? What are its chief properties 

7. Write aa essay on “ The Nitrogen Cycle in Nature 
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' CHLORINE: HYDROCHLORIC ACID 
^ Occurrence 

Chlorine does not occur in nature in the free state, 
but it occurs widely in combination, chiefly as chlorides, 
the most common being sodium chloride, common salt. 
This occurs in sea water, in the earth as rock salt, and 
in salt springs. 

Chlorine was first prepared by the Swedish chemist 
Scheele in 1774, by the action of hydrochloric acid 
(then called muriatic acid **) on manganese dioxide. 
He considered it as being muriatic acid deprived of its 
phlogiston by the manganese. A little later, the French 
chemist Berthollet found that a solution of chlorine 
in water gave off bubbles of oxygen, and, being a sup- 
porter of Lavoisier’s theory, he called the gas “ oxy- 
muriatic acid ” — considering it to be a compound of 
muriatic acid and oxygen. 

Davy, however, in 1810, failed to obtain any oxygen 
compound by heating numerous elements in the gas, 
and so said it should be considered to be an element. 
He called it chlorine, from its colour. Berthollct’s obser- 
vation he explained by saying that the oxygen evolved 
must have come from the water, 

^laboratory preparation 

The usual laboratory preparation is by the oxidation 
of hydrochloric acid, the oxidizing agent being man^ 
ganese dioxide; 

4HC1 + MnO, «= MnClj + 2HaO + Cl,. 
in 
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The manganese dioxide is placed in a round' bottomed 
flask fitted with a thistle funnel and delivery tubing 
leading to a gas jar (fig. 40). The delivery tubing goes 
through a piece of cardboard which acts as a cover to the 
gas jar while the gas is being collected. 

Concentrated hydrochloric acid is poured down the 
thistle funnel, and the flask is geniiy heated. The chlorine 



is seen to be evolved and will collect in the gas jar. When 
the green colour of the gas reaches the top of the jar, 
anoAer jar is quickly put in its place, the full jar being 
immediately closed by a glass cover. When sufficient gas 
has been collected, the apparatus is placed in the fume 
cupboard, if the experiment was not conducted therein. 
\,„.«*7he manganese dioxide acts as an oxidizing agent 
because each molecule contains one atom of oxygen ab^ove 
the normal amount necessary to satisfy the manganese 
atom. The valency of manganese is 2, and so is that of 
axygen. The norinal oxide, therefore, is MnO. That is, 



164 


CHLORINE 


the oxidation of the hydrochloric acid and the simul- 
taneous reduction of the manganese dioxide will be 
according to the equation: 

MnOg + 2HC1 = MnO + HgO + 

The MnO formed, however, being a basic oxide, will 
react with the hydrochloric acid present, forming a salt 
and water, thus: 

‘ MnO + 2HC1 = MnClg + H^O. 

(manganous 

chloride) 

The equation given just before the diagram is a com- 
bination of these two equations, and represents the total 
reaction. 

The gas obtained by this method contains some hydro- 
gen chloride as an impurity. If necessary this can be 
removed by bubbling the gas through a small quantity 
of water. If the gas is needed dry, it is bubbled through 
concentrated sulphuric acid. 

» T 

> Other oxidizing agents will oxidize hydrochloric acid 
to chlorine, and one, potassium permanganate, provides 
a convenient method sometimes used in the laboratory. 
Potassium permanganate, like manganese dmxide, has 
more than its share of oxygen, and it readily parts with 
it. Five atoms of oxygen are available from every two 
molecules of potassium permanganate. The equation 
is rather difficult, but the actual oxidation may be repre- 
sented by 

50 + lOHCl = SHjjO + 6 CI 2 . 

(from • 

2KMn04) 

In this method the concentrated hydrochloric acid is 
added from a dropping funnel to potassium permanganate 
contained in a flask. The evolution of gas is immediate, 
Ni^thout heating, and so the stream of chlorine may be 
controlled, and stopped when sufficient has been obtained. , 
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Jadustrial preparation 


Chlorine used to be obtained commercially by the 
oxidation, of hydrochloric acid. In one process the 
oxidizing agent was manganese dioxide, and in another, 
air, using cuprous chloride as a catalyst, i 

Nowadays it is mostly obtained as a by-product in the 
preparation of sodium hydroxide by the electrolysis of ‘ 
brine (se^ p. 233). The chlorine is liquefied by pressure 
and stored in iron cylinders. 


'^operties 


Chlorine is a yellowish-green gas with a pungent smell. 
It is about times as dense as air, and dissolves in 
water. It is a poison and was used in warfare as a poison 
gas until superseded by “ better gases. The gas readily 
liquefies on compressing. 

y Bleaching action of chlorine. — Moist chlorine 
bleaches most d 5 /es, including writing ink. The gas 
turns moist blue litmus paper red and then white. 
The bleaching is due to oxidation of the coloured 
substances, aQd.p;fiy.QOTrs^iil the presenipq^gf. wjJtei:. 

If a solution of chlorine in water, chlorine watery is 
placed in sunlight, oxygen is evolved and hydrochloric 
acid is found to be in the solution. The chlorine reacts 
,^with the water, giving hypochlorous acid and hydro- 
chloric acid: 

CI 2 + HaO == HCl + HCIO. 

(hypochlorous 

acid) 

The hypochlorous acid is unstable, and decomposes: 
U HCIO = HCl + O. 


The oxygen atoms combine in pairs, of course, and 
molecules of oxygen are evolved. But if the oxygen atoms 
are liberated in close proximity to molecules of the 
coloured dye, this nascent oxygen is sufficiently active 
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to oxidize them. The oxidation products are white, and 
so bleaching occurs. 

Dry chlorine will not bleach* This may be shown as 
follows : 

Into a gas jar containing chlorine place some dry 
coloured material, and into another some of the same 
material moistened with water. The moist cloth will 
quickly bleach; the dry will remain unchanged. 

• 

Formation of chlorides 

Chlorine combines directly with metals and some 
non-metals to form chlorides. 

Phosphorus burns spontaneously when plunged into 
a jar of chlorine, giving a mixture of phosphorus tri- 
chloride and pentachloride: 

3CI2 + 2P = 2PCI3. 

(phosphorus 

trichloride) 

6CI2 + 2P = 2PCI5. 

(phospliorus 

pentachloride) 

Dutch metal (a thin metal foil, consisting of 80 per 
cent copper and 20 per cent zinc, and used as a substitute 
for gold leaf in electroscopes) also catches lire spon- 
taneously when plunged into chlorine. Copper chloride 
and zinc chloride are formed: 

Cu -f- CI2 ~ CuCl2* 

(copper 

chloride) 

Zn “f-, CI 2 ~ ZnCl2* 

fzinc 

chloride) 

Burning sodium in a deflagrating spoon continues to 
burn when plunged into a gas jar of chlorine, forming 
sodium chloride: 


2 Na f CI2 2NaCl. 
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If chlorine is passed over heated iron wire, black 
crystals of ferric chloride are formed: 

2Fe + 3Cla = 2FeCl3. 

Affinity for hydrogen 

Chlorine has a great affinity for hydrogen, and both 
combines with it directly and removes it from many 
compounds, i.e. oxidizes them. 

A mixture of chlorine and hydrogen will* combine 
slowly in diffused daylight. In direct sunlight the com- 
bination occurs with explosive violence. 

Hydrogen can be burnt in an atmosphere of chlorine. 
The gas is lit at a jet shaped as shown 
in fig. 41, and this is lowered into a 
gas jar full of chlorine. The hydrogen 
continues to burn. 

In both the above cases, hydrogen 
chloride is formed: 

Hg + CI 2 = 2HCL 

Chlorine will remove the hydrogen 
from hydrogen sulphide (p. 181), form- 
ing hydrogen chloride and sulphur: 

HjjS + Cla = 2HC1 + S. 

To demonstrate this, a jar of hydrogen sulphide is 
inverted over a jar of chlorine. On removing the plates 
and allowing the gases to come into contact, clouds of 
sulphur are formed. 

Hydrocarbons bum in chlorine, forming hydrogen 
chloride and liberating carbon in the form of soot. A 
gas jar full of chlorine is inverted over a burning candle. 
The candle continues to bum with a deep red flame and 
soot is deposited on the inside of the jar. 

Another hydrocarbon which burns readily in chlorine 
is turpentine. This is usually shown by soaking a piece of 





168 


CHLORINE 


filter paper in turpentine and dropping it in a jar ot 
chlorine. The turpentine may catch fire spontaneously 
and burn with a red flame, depositing soot in the jar. 
If difficulty is found in doing this satisfactorily — the 
turpentine may refuse to catch fire — the sokked filter 
paper may be carefully warmed before dropping it in 
the jar: 

CioHie + 8CIa = 16HC1 + IOC. 

(turpentine) 

Ammonia is oxidized by chlorine to nitrogen: 

2NH3 + 3CI2 = 6HC1 + Ng. 

Sulphurous acid, H2SO3, made by dissolving sulphur 
dioxide in water, is oxidized by chlorine to sulphuric 
acid : , ^ 

H2SO3 + H2O + Cla = H2SO4 + 2HC1. 

In all the above cases, then, chlorine is seen to possess 
a great affinity for hydrogen; it is a good oxidizing agent. 
Its oxidizing action, however, is also shown by its affinity 
for other electropositive elements. 

When chlorine is bubbled through a solution of ferrous 
chloride, the green solution is turned yellow, ferric 
chloride being formed: 

2FeCl2 + CI2 = 2FeCl3. , 

(ferrous (ferric 

chloride) chloride) ^ 

Another important example of the oxidizing action of 
chlorine is that it displaces bromine and iodine, respec- 
tively, from solutions of bromides and iodides, when the 
gas is passed into solutipns of these salts : 

2KBr + CI2 = 2KC1 + Br^. 

(potassium (potassium (bromine) 

bromide) chloride) 

The bromine appears as a red liquid, which is a solution 
of bromine in water. Some liquid bromine also is seen 
at the bottom of the test tube as a heavy dark red liquid. 
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The action with iodides is similar: 

2 KI + Cla = 2KC1 + Ig. 

(potassium (iodine) 

iodide) 

Here tfie iodine colours the solution brown, and solid 
iodine is seen as a black solid at the bottom of the test- 
tube. 

It must be repeated that the above reactions are 
oxidations, the chlorine removing the electropositive 
element (potassium) to liberate the bromine and iodine. 



Reactions with alkalis 

When passed into cold dilute solutions of alkalis, 
chlorine forms a mixture of chloride and hypochlorite: 

CI2 + 2NaOH - NaCl + NaClO + H^O. 

(sodium (sodium 

hydroxide) hypochlorite) 

Cla + 2KOH = KCl + KCIO h HaO. 

(potassium (potassium 

hydroxide) hypochlorite) 

When chlorine is passed into hot concentrated solu- 
tions of alkalis,, however, a mixture of chloride and 
chlorate is formed: 

3Cla + 6NaOH = 5NaCI + NaClO, + SHaO. 

(sodium 

chlorate) 

SCla -F 6KOH - 6KC1 -f KCIO3 -t 3HaO. 

(potassium 

chlorate) 

Bleaching powder, or chloride of lime, is made 
by passing chlorine over dry slaked lime : 

Ca(OH)a -f Cla = CaOCla -H HjO, 

Bleaching powder is a useful source of chlorine, and 
being a solid it is easier to handle and transport than the 
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Chlorine can be liberated from it by the action of acids: 

CaOClg + H 2 SO 4 = CaSO^ + HgO + Clg. 
CaOClg + 2IIC1 - CaClg + HgO -f Clg. 

Bleaching powder always smells of chlorine/ This is 
due to carbonic acid (carbon dioxide plus water) in moist 
air reacting with it : 

CaOCla + HoCOg == CaCOg + HgO h Clg. 

(carbonic (calcium 
acid) carbonate) 


^Uses of chlorine 

Chlorine is used as a bleach, both as gas and in the 
form of bleaching powder. 

Use is also made of the fact that it is a germicide and 
disinfectant, A small amount of chlorine is added to 
drinking water to sterilize it, and larger amounts to water 
in swimming baths. 

ROCHLORIC ACID 

Hydrochloric acid, IICl, is a gas which is c\tremclv 
soluble in water. Its composition shows that it is a 
compound of hydrogen and chlorine, that is, it is 
hydrogen chloride. 

The gas is usually referred to as hydrogen chloride, 
while the solution in water is called hydrochloric acid. 
Hydrochloric acid is sometimes called spirits of salt; 
an old name for it is muriatic acid. 

Laboratory preparatjlon 

Hydrochloric acid is formed by the action of concen- 
trated sulphuric acid upon any chloride. Obviously, 
then, sodium chloride is used for the laboratory pre- 
paration, because this substance can be obtained very 
cheaply in the pure state. 

The salt is put in a round-bottomed flask fitted with 
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a thistle funnel and delivery tubing (fig. 42 ). On adding 
concentrated sulphuric acid hydrogen chloride is evolved. 
No heat is required at first, but heat may be applied as 
the reaction slows down. Only one hydrogen atom of the 
dibasic 'sulphuric acid molecule is replaced by sodium: 

NaCl + H2SO4 = NaHS04 H HCl. 

(aodiiun 

hydrogen sulphate) 



Fig. 42. — Preparation of Hydrogen Chloride Gas and Solution ' 

(The full replacement of hydrogen is brought about 
by raising the temperature considerably, and this is done 
in the industrial preparation: 

2 NaCl + H2SO4 = Na2S04 + 2 HC 1 . 

Here, obviously, twice as much hydrochloric acid ’s 
produced from the same quantity of sulphuric acid as at 
the lower temperature.) 

The gas is collected in gas jars by upward displace- 
ment of air, using a cardboard cover to the gas jar as in 
the c^e of chlorine. 

(F08d) IS 
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A solution is made by connecting the delivery tube to 
an inverted funnel, which dips in a beaker of water (fig. 42). 
This prevents the solution being sucked back into the 
flask; the gas is so soluble in water that if a delivery 
tube were to dip straight into the water, the gas would 
dissolve faster than it was evolved. When the funnel is 
attached, however, any attempt at this is frustrated, 
because the water level rising up the funnel makes the 
level in the beaker fall. When it falls below the rim of 
the funnel, air enters, and the water which has risen up 
drops back again. 

Industrial preparation 

Hydrochloric acid is prepared on the large scale in the 
manufacture of salt cake, anhydrous sodium suljihate, 
Na2S04. Sodium hydrogen sulphate is first made by the 
action of sulphuric acid on common salt, without the 
application of heat: 

NaCl f H2SO4 = NaHS04 + HCl. 

The sodiu nJ^ sjifpha^^ is then heated with more salt in 
a reverberatory furnace, when sodium sulphate is formed : 

NaCl + NaHS04 = NaaS04 + HCl. 

The hydrochloric acid from the first stage of the pro- 
cess is purer than that from the second stage, the latter 
being mixed with furnace gases. 

Pure hydrochloric acid is made by the direct com- 
bination of hydrogen and chlorine. These two gases are 
produced in the manufacture ^f sodium hydroxide by 
the electrolysis of UhLls^ method is superseding 

the other processes. 

Properties 

Hydrogen chloride is a colouiless gas wdth a pungent 
smell. It does not burn or support burning. When 
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mixed with ammonia it forms dense white clouds of 
ammonium chloride: 

NH 3 4 - HCl = NH 4 CI. 

When it comes into contact with the air, hydrogen 
chloride forms steamy fumes. This is due to the for- 
mation of small droplets of hydrochloric acid, the gas 
dissolving in water present in the air. 

It is extremely soluble in water, the solution being 
strongly acid. The fountain experiment (see p. 133) will 
work well with this gas, as it does with ammonia. In this 
case, however, the water in the vessel is coloured with 
blue litmus, which is turned red on entering the flask. 

Hydrogen chloride solution is an acid; it has a sour 
taste, turns blue litmus red, dissolves a number of metals, 
reacts with bases to give salts (chlorides) and water, and 
reacts with carbonates, forming salts and giving off 
carbon dioxide. 

Neither dilute nor concentrated hydrochloric acid 
will react with copper or lead. 

Hydrochloric acid is oxidized by most oxidizing agents, 
chlorine being formed.^/ . ^ 

Tests for chlorides (including hydrogen chloride) 

( 1 ) To a portion of the suspected chloride in a test- 
tube, add some manganese dioxide and concentrated 
sulphuric acid. Evolution of chJorine (recognized by its 
smell and its bleaching action on litmus paper) indicates 
that the substance was a chloride. The sulphuric acid 
reacts with the chloride to give hydrochloric acid, which 
is immediately oxidized to cyorine by the manganese 
dioxide. 

( 2 ) To a solution of the suspected chloride add a little 
nitric acid and then silver nitrate solution. A white 
precipitate of silver chloride indicates the presence of a 
chloride in the original solution: 

NaCl + AgNOj = AgCl + NaNOj. 
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Pour half the contents of the test-tube into another 
.test-tube. To one sample add ammonium hydroxide 
and shake, l^he precipitate will dis- 
solve. Shake the other up alone. 

The white precipitate will coagulate 
(congeal into lumps) and on expo- 
sure to light will gradually turn 
violet. 

Composition of hydrog^ii ^ 
chloride 

A special tube is generally used 
for determining the volumetric com- 
position of hydrogen chloride. It is 
made in two sections joined by a 
tap (fig. 43), the volume of one being 
twice that of the other. The two 
ends are closed by glass stoppers. 

The lower, larger portion of the 
tube is filled with hydrogen by 
downward displacement of air, and 
the upper portion filled with chlorine 
by upward displacement of air. 

The communicating tap is then 
opened and the tube exposed to 
light, but not to direct sunlight. 

After a day ot two the reaction will 
be complete. Make sure by putting 
the tube in sunlight ; there will not 
be sufficient hydrogen and chlorine 
present to cause an explosion. 

The tube is then placed with the 
longer portion downward and the Fig.43.— Apparatuit 
end under dry mercury and the stop- 
per IS removed. No mercury is seen chloride, 
to enter, nor is gas seen to escape. 

Water is then poured on to the mercury surface, and 
the tube lifted so that the open end is under water. The 
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water is seen to rise up and fill the lower part of the tube. 
The gas left in the upper part is found to be hydrogen. 

From this it is seen that when hydrogen and chlorine 
combine, the volume of the hydrogen chloride formed is 
equal to the total volume of the gases which combine, 
since no change of volume occurred. 

Also, since half the volume of hydrogen originally 
present was left over, equal volumes of hydrogen and 
chlorine combined. 

That is, 1 volume of hydrogen combines with 1 volume 
of chlorine to form 2 volumes of hydrogen chloride. 

Since, by Avogadro’s hypothesis, equal volumes of 
different gases contain the same number of molecules, 
n molecules of hydrogen combine with n molecules of 
chlorine to form 2n molecules of hydrogen chloride; 

1 molecule of hydrogen combines with 1 molecule 
of chlorine to form 2 molecules of hydrogen chloride. 

Since 1 molecule of hydrogen contains 2 atoms, as 
does 1 molecule of chlorine, it follows that 

2 molecules of hydrogen chloride contain 2 atoms of 
hydrogen and 2 atoms of chlorine, 

/. i molecule of hydrogen chloride contains 1 atom 
of hydrogen and 1 atom of chlorine ; 

Hence the formula for hydrogen chloride is HCl. 


QUESTIONS 

1. How would you prepare a few jars of chlorine in the 

laboratory? ' 

2. What are the principal properties of chlorine? 

3. How is chlorine prepared on the large scale? What are 
its chief uses? 

4. Give three good reasons for classif 3 ning chlorine as an 
oxidizing agent. 

5. What is bleaching powder? What are its uses? Why 
does it smell of chlorine? 
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6. How would you obtain (a) a few jars of hydrogen 
chloride, {b) a solution of hydrogen cliloride in water? 

7. Describe the industrial preparation of hydrochloric 
acid. What are its chief uses? 

8. What are the chief properties of hydrogen chloride gas 
and solution? 

9. A certain crystalline substance is said to be a chloride. 
What tests would you apply to confirm this? 

10. Describe an experiment to verify that the formula for 
hydrogen chloride is 1 1 Cl. 

11. What weight of sulphuric acid is required to use up 60 gm. 
of common salt in preparing hydrochloric acid in the laboratory ? 
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BROMINE AND IODINE 
The halogens 

Chlorine belongs to a group of elements called the 
halogens. The word “ halogen ** means a salt producer, 
and you know that chlorine combines directly with 
metals, forming salts called chlorides. The other halogen 
elements do likewise. 

The elements concerned are fluorine, chlorine, 
bromine, and iodine. They are often referred to as the 
halogen family] they show a family likeness in their 
properties and in the properties of their compounds. 

We are not concerned at this stage with fluorine; 
chlorine we know in some detail; we shall now consider 
bromine and iodine. 


BROMINE 

Occurrence 

This element does not occur in the free state, but it 
does so in combination as bromides in various parts of 
the world. Some bromides are present in sea water. 

Preparation 

In the same way that chlorine is prepared by the 
oxidation of hydrochloric acid, so bromine is prepared 
by the oxidation of hydrobVomic acid. Manganese 
dioxide is likewise used as the oxidizing agent. You will 
not find a bottle of hydrobromic acid in the laboratory, 
as it is unstable, so bromine is generally prepared by 
heating a mixture of potassium bromide, manganese 
dioxide, and concentrated sulphuric acid in a retort. 
The potassium bromide and sulphuric acid form hydro- 
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bromic acid, which is immediately oxidized by the man- 
ganese dioxide to bromine : 

2KBr -j- MnOg + 3H2SO4 

= 2KHSO4 + MnS04 + 2H2O 4r Brj. 

The bromine distils over into the receiving flask as a 
dark red liquid. 

Bromine is prepared on the large scale from the bro- 
mides occurring naturally in the Stassfurt deposits and 
elsewhere. - Chlorine is passed through a hot concen- 
trated solution of these salts, and displaces the bromine 
(see p. 158) : 

e.g. 2KBr + Cl^ = 2KC1 + Br^. 


Properties 

Bromine is an abominably-smelling dark red volatile 
liquid. It boils at 59° C. and freezes readily on cooling. 
It is heavy for a non-metallic element, having a specific 
gravity of 3*2, and is the only element other than mer- 
cury which is a liquid at ordinary temperatures. 

Bromine dissolves in water to some extent; the red 
solution is called bromine water. 

Like chlorine, it combines directly with metals form- 
ing salts, called bromides, and it has a great affinity for 
hydrogen. 

Hydrogen bromide 

Bromine combines directly with hydrogen, but not so 
readily as chlorine : heating is necessary. 

Hydrogen bromide cannot be prepared by a method 
similar to that for the preparation of hydrochloric acid, 
because the hydrogen bromide is somewhat unstable 
and reduces some of the sulphuric acid present to sulphur 
dioxide. It is generally prepared by the action of water 
on phosphorus tribromide, PBrg. 

PBr3 + 3H2O =- HaPOg | 3HBr. 

(phosphorous 

acid) 



IODINE 


169 


Care has to be taken because the reaction is violent. 
Some red phosphorus is mixed with water in a flask 
and bromine is dropped on to it from a dropping funnel. 
A violent reaction occurs as each drop falls, and hydrogen 
bromide is evolved and collected either as a gas or in 
solution, as in the case of hydrogen chloride. • 

Properties of hydrogen bromide 

Hydrogen bromide is a colourless gas whioh fumes in 
air and is very soluble in water. It is denser than air. 
The solution in water is an acid, hydrobromic aci4f 
which gives rise to a series of salts, bromides. 

The bromides are similar to the chlorides, the most 
important being potassium bromide. Silver bromide, 
like silver chloride, is insoluble in water and nitric acid, 
but it dissolves slightly in ammonium hydroxide. (Silver 
chloride is readily soluble in ammonia.) Silver bromide 
is pale yellow in colour, and like silver chloride it darkens 
on exposure to light. It is used in photography. 


IODINE 

Occurrence 

Iodine, like the other halogens, is not found in the 
free state in nature, but occurs widely as iodides. For 
example, iodides of sodium, potassium, and magne- 
sium occur in sea water. Iodine is a necessary con- 
stituent of the human body. The thyroid gland, for 
example, contains iodine compounds, deficiency in which 
causes many diseases. These deficiencies jnay be made 
up by addition of iodides to the diet. 

Laboratory preparation 

Iodine may be prepared by heating a mixture of potas- 
sium iodide, manganese dioxide, and concentrated sul- 
phuric acid in a retort. The potassium iodide and 
sulphuric acid give hydrogen iodide, which is oxidized 
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by the manganese dioxide to iodine. The total reaction 
is represented (cf. bromine, p. 168) by 

2KI + MnOa + 3 H 2 SO 4 

= 2 KnS 04 + MnS04 + 2H2Q + I^. 

Industrial preparation 

Iodides are obtained from seaweed by mixing the ash 
(kelp) with water and separating out the other less soluble 
salts by chneentrating the solution. The solution is 
treated with manganese dioxide and sulphuric acid and 
the iodine distilled off. 

Iodine is also obtained from the sodium iodate occur- 
ring in the nitre deposits of Chile, after the sodium nitrate 
has been extracted. The crude sodium nitrate (caliche) 
contains 0*3 per cent of sodium iodate. 

Properties 

Iodine is a black crystalline solid, having a metallic 
appearance, although it is a non-metal. If heated it 
sublimes, that is, it changes directly from the solid to 
the vapour state, giving a beautiful violet vapour which 
solidifies in small crystals on a cool surface. 

Iodine is moderately soluble in water, but dissolves 
readily in alcohol, giving the familiar blown solution, 
“ tincture of iodine It also dissolves in potassium 
iodide solution. 

Iodine colours starch a deep blue colour, and this pro- 
vides a good test for the element, as the reaction occurs 
with a very small quantity of iodine. 

Hydrogen iodide 

Iodine, like chlorine and bromine, combines directly 
with hydrogen to give hydrogen iodide, but with more 
difficulty than bromine. A catalyst is necessary. 

Hydrogen iodide is decomposed even more easily than 
hydrogen bromide, and so cannot be prepared from 
sulphuric acid and an iodide. 
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It may be prepared in the laboratory by a method 
similar to that described for hydrogen bromide, namely, 
by the action of water on phosphorus tri-iodide. The 
phosphorus tri-iodide is made as required from red 
phosphorus and iodine: 

PI3 + 3H2O = H3PO3 + SHI. 


Properties of hydrogen iodide 

Hydrogen iodide is a heavy colourless gas w^hich fumes 
in air and is very soluble in water, giving an acid solution. 
This acid solution is colourless, but is soon seen to turn 
brown. This is due to its unstable nature: it is oxidized 
to iodine, which causes the brown colour: 

4HI + 02= 2 H 2 O + 21,. 

The acid, hydriodic acid, gives rise to a series of 
salts, iodides. The most important is potassium 
iodide, a white crystalline solid similar to potassium 
chloride and potassium bromide. Silver iodide is, like 
silver chloride and silver bromide, insoluble in water 
and nitric acid, but is deep yellow in colour and is 
insoluble in ammonium hydroxide. 

Let us now summarize some of the properties of the 
halogens. We can see the similarity between these 
elements and the gradation of properties, with bromine 
in the intermediate position between chlorine and iodine. 

Chlorine is a gas, bromine a liquid, iodine a solid. 

All are coloured: chlorine green, bromine dark red, 
iodine black (vapour violet). * 

All have a valency of 1. 

All combine directly with hydrogen: chlorine very 
readily (explodes in sunlight), bromide on heating with 
hydrogen, iodine on heating with hydrogen in the pre- 
sence of a catalyst. 

Hydrogen chloride, hydrogen bromide, and hydrogen 
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iodide are all colourless gases which fiime in air and are 
very soluble in water, giving a strongly acid solution. 

Silver salts ; all are insoluble in water and nitric acid. 
Silver chloride is white and is readily soluble in am- 
monium hydroxide; silver bromide is pale yeliow and 
slightly soluble in ammonium hydroxide; silver iodide 
is deep yellow and insoluble in ammonium hydroxide. 


QUESTIONS 

1. What are the ‘‘halogen" elements? Why are they 
classed together as a ‘‘ chemical family "? 

2. How is bromine prepared in the laboratory? What are 
its chief properties? 

3. Describe the preparation and properties of hydrogen 
bromide. 

4. What are the chief properties and uses of iodine? How 
is it prepared on the large scale? 

6. Three bottles each contain a white crystalline substance. 
One is potassium chloride, one potassium bromide, and one 
potassium iodide. What tests would you apply to enable you 
to label the bottles correctly? 



CHAPTER XIX 


SULPHUR; SULPHURIC ACID 

Occurrence 

Sulphur occurs in the free state in large quantities in 
Italy, notably in Sicily; and also in the United States, 
chiefly in Texas and Louisiana, In Italy the sulphur 
occurs in strata with rock, chiefly gypsum and limestone. 
The sulphur is generally supposed to have been formed 
by the reduction of gypsum by organic matter: 

2CaS04 + 3C = 2CaC08 + COa + 2S. 

In Texas and l^ouisiana, where most of the sulphur 
now comes from, the element occurs at a depth of 500 
ft. or more. 

Extraction of sulphur 

The Sicilian process. — This consists of building 
the, crude sulphur and rock into heaps, with vertical air 
spaces left, and covering the heap with powdered sulphur 
ore. The heap is kindled at the top, and the heat of the 
burning sulphur causes the remainder to melt and this 
is run into wooden moulds. It may seem wasteful to use 
sulphur as fuel, but it is much more abundant and is 
cheaper than coal. 

The crude sulphur thus obtained is shipped to Mar- 
seilles, where coal is cheaper, and is purified by distil- 
lation from iron retorts. 

The vast American deposits, and the rapid and efficient 
method of extracting pure sulphur there, have rendered 
the Italian sulphur production relatively unimportant. 

The Frasch process. — In America the deposit of 

17 # 



174 


SULPHUR 


sulphur is far down below strata of clay, quicksand, 
and rock. 

A boring is made down to the sulphur deposits, and a 
“ sulphur pump consisting of four concentric tubes, 
is sunk (fig, 44:). Down the two outer pipes superheated 
water is passed. This water is kept at about 170® C. by 
compressing it to about 10 atmospheres. This super- 
heated water is hot enough to melt the sulphur, and 



Fig. 44, — Extraction of Sulphur — Frasch Process 


compressed air forced down the central tube forces the 
mixture of water and molten sulphur up the pipe next 
to it. This frothy mixture passes into immense wooden 
vats, where the sulphur solidifies; when the walls of a 
vat are removed, a great* hill of sulphur remains. This 
is of so high a degree of purity that no further refinement 
is necessary. The output is tremendous: a single pump 
often produces as much as 600 tons of sulphur a day. 

It is easy to see, then, that this process is more im- 
portant than the Sicilian process: 80 per cent of the 
sulphur used comes from America. 
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The allotropic forms of sulphur 

Sulphur is found to exist in different forms; these 
different forms of the same element exhibit different 
properties. When an element behaves in this way, 
it is said to exhibit allotropy, and the different forms 
of the element are called allotropic forms. 

The chief crystalline forms of sulphur are rhombic 
sulphur and monoclinic sulphur. Amorphous 
(i.e. nori-crystalline) sulphur also exists, one interesting 
form being plastic sulphur. 

Rhombic or octahedral sulphur (a^sulphur) 

Ordinary crystalline sulpliur consists of rhombic crystals 
(fig. 45). Shapely crystals can be obtained by dissolving 
ordinary roll sulphur in carbon 
disulphide, and allowing the 
liquid to evaporate slowly in 
the fume cupboard. No flame 
should be in the vicinity, as 
carbon disulphide is extremely 
inflammable. 

Rhombic sulphur consists of 
transparent yellow rhombic 
crystals, with a specific gravity 
of 2*06 and a melting-point of 
113° C. It is soluble in car- 
bon disulphide, but insoluble 
in water. Rhombic sulphur is stable at ordinary tem- 
peratures. 

Monoclinic or prismatic sulphur (p -sulphur) 

This allotropic form of sulphur is produced when, 
melted sulphur is allowed to crystallize. 

Place plenty of roll sulphur, crushed up, in an evapor- 
ating dish and heat it slowly until all the sulphur has 
meltedi and then allow it to cool. As soon as a crust has 



Fig. 45. — Rhombic 
Sulphur 
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formed all over the surface, pierce two holes in it and 
quickly pour the still liquid sulphur out of one hole. 
Cold air enters the other hole and quickly cools liquid 
sulphur from just above the melting-point. Crystals of 
monoclinic sulphur are formed. On removing the top 
crust, the crystals below may be seen, and are found 
to be long transparent pale yellow needle-shaped crystals 
(fig. 46). 

Monoclinic sulphur has a density of 1-96 and a melting- 
point of 119° C. Like rhombic sulphur, it is insoluble 
in water and soluble in carbon disulphide, but on 
crystallizing from solution it forms rhombic crystals. 
It is unstable: if the crystals formed as described are 

Fig. 4tt. — Monodime Sulphur 


left for a day or two, they become opaque, somewhat 
lighter in colour, and brittle, and on examination are 
found to have become aggregations of small rhombic 
crystals. The shape of the mass is still that of the original 
monoclinic crystals. 


Plastic sulphur 

This is an amorphous form of sulphur, and is made 
by rapidly cooling sulphur from the boiling-point or 
near it. 

Some sulphur is melted in a test-tube and heated until 
it is boiling rapidly. Iv is then poured in a thin stream 
into a beaier of cold water, when it forms yellow or 
brown transparent threads with a consistency like that 
of rubber. When freshly made, it is insoluble in carbon 
disulphide. 

Plastic sulphur is unstable, becoming brittle after a 
few da 3 rs and reverting principally to rhombic sulphur. 




PROPERTIES OF SULPHUR 


177 


Liquid sulphur can exist in different forms, and it is 
interesting to heat sulphur slowly from melting-point 
to boiling-point and watch the changes that occur. 

The sulphur melts to form an amber-coloured mobile 
liquid. On further heating it becomes darker in colour, 
and at 160° C. it suddenly becomes very viscous, so 
much so that the test-tube may be inverted without any 
liquid falling out. It is by now reddish-brown in colour. 
On continuing to heat, the sulphur is seei\ to become 
darker in colour and more mobile, until at 414° C, it 
begins to boil, giving off a yellowish-brown vapour. 

On cooling the reverse changes are observed. 


Chemical properties of sulphur ^ 

Sulphur burns' in air with a weak blue flame, forming 
sulphur dioxide^ "Sa pungent-smelling gas: 


^ S -f- O 2 = SO 2 . 

The chemica’ properties of sulphur are seen to bear 
a strong resemblance to those of oxygen. There is the 
‘‘ family likeness ” that we observed in the case of the 
halogens. For this and for other reasons, the two 
elements arc classed as belonging to the same chemical 
family. ^ ^ 

oxygen^ combines with many metals and non- 
metals, forming oxides, so sulphur combines with many 
elements, forming sulphides. 

If hydrogen is passed through boiling sulphur, hydro- 
gen sulphide, an unpleasant-smelling gas, is formed: 


H 2 + S — HgS (compare H 2 O). 

Sulphur can be made to combine with carbon, form- 
ing carbon disulphide, CSg, by passing sulphur vapour 
over red-hot carbon: 


C + 2S = CS 2 (compare CO 2 ). 

Metals, however, combine more readily with sulphur 
than non-metals do. 


13 
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Heat a mixture of iron filings and sulphur gently in a 
crucible. Soon a vigorous reaction is observed, ferrous 
sulphide being formed: 

Fe + S == FeS. 

Heat a small spiral of copper wire and plunge it, red 
hot, into the vapour in a test-tube containing boiling 
sulphur. The copper burns brightly, forming cuprous 
sulphide: , 

20u S = CU2S. 


Uses of sulphur 

Sulphur is used for making sulphuric acid, matc^hes, 
and djyes. A large quantity of sulphur is used for 
cinfeing^ nibber. Rubber in its untreated state is not 
suitable for use, but when heated with sulphur, a pro- 
cess known as vulcanization, it produces the useful 
substance we know. 

Hydrogen sulphide (sulphuretted hydrogen), H2S 

Hydrogen sulphide is generally prepared in the labora- 
tory by the action of dilute hydrochloric or sulphuric 
acid on ferrous sulphide: 

FeS + 2HC1 = FeCl2 + H2S. 

FeS + H2SO4 = FeSO^ + H2S. 

Water and ferrous sulphide are placed in a Woulfe 
bottle, and concentrated acid is poured down the thistle 
funnel. The gas may be collected over warm water (fig. 
47), or, if you like the smell, by upward displacement of 
air. 

It is usual to have hydrogen sulphide “ on tap in the 
laboratory, and for this purpose it is usually generated 
in a Kipp's apparatus, or other device, to be found in 
the fume cupboard. The Kipp's apparatus (fig. 48) 
works in the following way: 

On opening the tap, the acid comes into contact with 
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Fig. 47. — Preparation of Hydrogen Sulphide 


the ferrous sulphide, and hydrogen sulphide is evolved. 
On closing the tap, the hydrogen sulphide, still being 
given off and unable to escape by way of the tap, forces 
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the acid away from the ferrous sulphide and up the 
central tube to the upper bulb. The evolution of gas 
stops when there is no more acid in contact with the 
sulphide, and the central bulb is full of the gas .ready to 
be bubbled where required when the tap is opened. 

A useful substitute may be made by joining two 
aspirator bottles as in fig. 49. One contains the dilute acid, 
and the other ferrous sulphide, the latter being kept on 



Fiy. 49. — Alternative Hydrogen Sulphide Generator 


a support above the level of the acid in the other bottle. 
On lowering the ferrous sulphide bottle and opening the 
pinch cock, the gas is evolved. 

Properties. — Hydrogen sulphide is a colourless 
gas with a powerful, unpleasant, sweetish odour, like 
that of rotten eggs. In feet, this gas is produced when 
eggs decay. The gas is poisonous, causing headache when 
inhaled even in small quantities. 

Hydrogen sulphide burns with a blue flame in air. 
With a plentiful supply of oxygen, sulphur dioxide is 
formed: 


2li^S + 30a -- 2HaO + 2SOa. 
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With a limited supply of air, however, sulphur is 
deposited : 

2H2S + O2 - 2H2O + 2S. 

Hydrogen sulphide is fairly soluble in water : at 
ordinary temperatures water dissolves approximately 
three times its volume of the gas. The solution is found 
to turn blue litmus red, showing that it is an acid. The 
solution is sometimes referred to as “ hydrosulphuric 
acid . It is an extremely weak acid. 

^ Hydrogen sulphide is a reducing agent./ < - 

Sulphuric acid is reduced to sulphur dioxide, and the 
hydrogen sulphide simultaneously oxidized to sulphur: 

H2S + H2SO4 == 2H2O + SO2 + S. 

Nitric acid is similarly reduced to nitrogen peroxide: 

HgS + 2HNO3 = 2H2O + 2NO2 + S. 

The halogens are reduced to the halide acids. This is 
done by passing hydrogen sulphide through chlorine 
water, bromine water, or water containing iodine in sus- 
pension. In each case the hydrogen sulphide is oxidized 
to sulphur, which is deposited: 

CI2 + HaS = 2HC1 + S. 

Bra + H2S = 2 HBr + S. 

I2 + HaS = 2HI + S. 

Precipitation of sulphides from solutions of salts 

The importance of hydrogen sulphide in the labora- 
tory is due to the fact that when it is passed through 
solutions of salts, sulphides are formed. TVIost of these 
sulphides are insoluble and are therefore precipitated. 
Moreover, they can be grouped, and many are distinctive; 
hence formation of the sulphide is of great help in 
analysis. 

For example, lead, copper, and bismuth sulphides are 
formed as black precipitates when hydrogen sulphide 
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is bubbled through solutions of their salts. They are 
insoluble in acid solution. 

Zinc and manganese sulphides are soluble in acid 
solution, but are precipitated from neutral or alkaline 
solution. Zinc sulphide is white and manganese sulphide 
flesh-coloured. 


. OXIDES OF SULPHUR 
Sulphur dioxide, SO2 

Burning sulphur has been used from very ancient 
times for fumigation and bleaching. Lavoisier in 1777 
showed that the gas formed is an oxide of sulphur. 

Preparation. — Sulphur dioxide is, as we have 
seen, formed v/hen sulphur burns in air. It is generally 
prepared in the laboratory, however, by heating con- 
centrated sulphuric acid with copper: 

Cu + 2H2SO4 = CUSO4 + 2H2O + SO2. 

Copper turnings are placed in a round-bottomed flask 
fitted with thistle funnel and delivery tubing joined to 
a Woulfe bottle containing concentrated sulphuric acid 
to dry the gas. The gas is led to a gas jar, where it is 
collected by upward displacement of air (fig. 50). Con- 
centrated sulphuric acid is poured down the funnel, and 
the flask is gently heated until the contents are effervescing 
readily. A dark brown mixture is left in the flask. This 
consists of anhydrous copper sulphate (white) mixed with 
copper sulphide (black), the latter formed by a side 
reaction not indicated in the equation. 

Other substances could •be used instead of copper: for 
example, mercury, silver, sulphur, and carbon: 

Hg + 2H2SO4 = HgS04 + 2HaO + SO*. 

2Ag + 2H2SO4 = Ag2S04 + 2H2O + SO,. 

S + 2H2SO4 2H2O + 3SO2. 

C 4 2H2SO4 -- 2H2O + CO2 4 2SO». 
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On the large scale sulphur dioxide is prepared by 
burning sulphur or iron pyrites or “ spent oxide from 
the gas works in air; 

S + O2 = SO2. 

4FeS2 +1102 = 2 Fe 203 + SSOg. 

Atmospheric nitrogen is, of course, present with the 
sulphur dioxide prepared in this way. 



Properties. — Sulphur dioxide is a colourless gas 
with a pungent smell like that of burning sulphur, which 
is natural, since, when sulphur burns in the air, sulphur 
dioxide is formed. Sulphur dioxide can easily be lique- 
fied under pressure, giving a colourless liquid. The gas 
is denser than air, and will no^ burn or support combus- 
tion. Sulphur dioxide bleaches many colouring matters^ 
When sulphur dioxide is passed through a solution 
of potassium permanganate, the purple solution is de- 
colorized : 

2KMn04 + 6SO2 + 2H2O 

= K2SO4 + 2MnS04 + 2H2SO4. 
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When the gas is passed through a solution of potas- 
sium dichromate, acidified by the addition of a little sul- 
phuric acid, or if a piece of filter paper is dipped into 
acidified potassium dichromate solution and exposed to 
the gas, it is turned from yellow to green. ThiU is due 
to the formation of green chromium sulphate; 

KaCrA + H2SO4 + SSOa 

~ K2SO4 + Cr2(S04)3 + HgO. 

This is used as a test for the gas. 

Sulphur dioxide dissolves in water readily, forming 
sulphurous acid: 

SO2 + H2O - H2SO3. 


Sulphurous acid, HgSOg 

Sulphurous acid exists only in solution, and cannot 
be obtained free. If we attempt to concentrate a solution, 
sulphur dioxide is given off. Its salts, however, are 
readily obtained. They are called sulphites, and the 
most important is sodium sulphite, NagSOa. 

The acidic nature of a solution of sulphur dioxide is 
shown by the facts that it turns blue litmus red, and 
forms a salt and carbon dioxide with carbonates. For 
example : 

NagCOa + H2SO3 = NagSOg + Rfi + COa. 

Sulphurous acid also reacts with alkalis, giving a salt 
and water. This is best shown by passing sulphur 
dioxide into a solution of sodium hydroxide, when it 
forms sodium sulphite arid water; 

2NaOH + SO 2 = NagSOa + HgO. 

On continuing to pass the gas, however, sodium 
hydrogen sulphite (sodium bisulphite) is formed: 

NaaSOg -f HgO h SOg - 2NaHS08. 
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If this sodium hydrogen sulphite solution is mixed 
with the correct amount of sodium hydroxide (an amount 
equal to that started with before passing in the sulphur 
dioxide) the normal sulphite is formed: 

*NaOH + NallSOa = + HgO. 

In this way sodium sulphite may be prepared in the 
laboratory. The reason for this round-about way is that 
although sodium sulphite is formed initially on passing 
sulphur dioxide through the sodium hydroxide solution^ 
there is no indication as to when the reaction is com- 
plete. If the gas is not passed in for a sufficient time, 
some sodium hydroxide will also be present; if foi too 
long, some sodium bisulphite will be formed. There- 
fore the sodium hydroxide is saturated with sulphur 
dioxide, when only sodium hydrogen sulphite is formed, 
and then a quantity of sodium hydroxide equal to that 
started with is added. 

Bleaching action of moist sulphur dioxide \ 

Sulphur dioxide, in the presence of moisture, is found 
to bleach many substances. It is interesting to compare 
the bleaching action of this gas with that of moist 
chlorine, which was seen to be an oxidation (see p. 155). 
Sulphurous acid, however, is a reducing agent, being 
itself readily oxidized to sulphuric acid, and its bleaching 
action is due to the reduction of the colouring matter 
to a colourless substance. 

An advantage of moist sulphur dioxide is that it can 
be used to bleach substances which would be spoilt by 
chlorine. Silks, for example, can be safely bleached by 
sulphur dioxide. The moist gas is also used to bleach 
the straw used for making Panama hats; the straw 
would be rotted by chlorine. 

A disadvantage of sulphur dioxide as a bleaching agent 
is that the bleaching is not so permanent; the bleached 
matter slowly oxidizes in the air, particularly in sun- 
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light. The bleached straw of Panama hats gradually 
resumes its yellow colour as tlie oxidation takes place. 


Composition of sulphur dioxide 


A small piece of sulphur is placed in a metal spoon in 
dry oxygen over mercury in an apparatus shaped as in 
fig. 51. The sulphur is ignited 



Fig. 61. — Apparatus 
for determining the 
Composition of Sulphur 
Dioxide 


by passing a current of electricity 
through the fine platinum wire 
touching the sulphur. When the 
sulphur has burnt and the appar- 
atus has cooled to room tempera- 
ture again, the volume is found 
to be unchanged. 

That is, the sulphur dioxide 
formed contains its own volume 
of oxygen. 

I'hen, by Avogadro’s hypo- 
thesis, since 1 volume of sulphur 
dioxide contains 1 volume of 
oxygen, 

1 molecule of sulphur dioxide 
contains 1 molecule of oxygen. 

The vapouj density of sulphui 
dioxide is found to be 32, and so 
its molecular weight is 64. 

This contains 1 molecule of 
oxygen (2 X 16 ) = 32. 

/. Weight of sulphur in the 


molecule = 64 — 32 = 32. 


Since the atomic weight of sulphur is 32, a molecule of 
sulphur dioxide contains 1 atom of sulphur (S) and 1 
molecule of oxygen (Og). 

Hence the formula for sulphur dioxide is SO,. 



SULPHUR TRIOXIDE 


187 


Sulphur trioxide, SO3 

Sulphur trioxide is generally prepared by passing a 
mixture ^of dry sulphur dioxide and dry oxygen over a 
heated catalyst, platinized asbestos generally being used. 

Sulphur trioxide is a colourless crystalline solid with 
a very strong affinity for water. It dissolves in water with 
extreme violence, forming sulphuric acid. 


SULPHURIC ACID, HjSO* 

Industrial preparation 
(a) The contact process 

The Contact Process is the simpler of the two main 
methods by which sulphuric acid is ntfaiufactured. 

A mixture of sulphur dioxide, oxygen, and nitrogen, 
produced by burning sulphur or iron pyrites in excess 
of air, is dried and purified and passed over the catalyst^ 
heated platinum, when the sulphur dioxide and oxygen 
combine to form the trioxide: 

2SO2 ~f" O2 ~ 2SO3. 

In the Badische Process the mixture of gases passes 
into an iron cylinder in which are vertical tubes packed 
with platinized asbestos. These are heated to start 
with, and the sulphur dioxide and air mixtuie is passed 
around them (fig. 52). The hot gases then pass down the 
tubes containing the catalyst, when combination takes 
place. Only initial heating of the catalystjs necessary, 
since once the reaction has golf going, sufficient heat is 
evolved for the process to continue. 

< “In another process, the Grille Process, the catalyst 
is prepared by heating Epsom salt (magnesium sulphate, 
MgS04'7H20) moistened with a solution of platinic 
chloride, PtCl4. The salt loses its water of crystallization 
^nd swells up into a porous mass, and the platinic 
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chloride decomposes, the platinum formed being de- 
posited on the very large surface of the anhydrous mag- 
nesium sulphate. The catalyst is placed on shelves in a 
converter and the gases are passed over. Once more, 
only initial heating is necessary. 

The sulphur trioxide formed in the contact processes 
is not passed straight into water, because the violence of 
the combination causes a fog of very fine droplets of 
sulphuric ^cid to be formed, but it is absorbed in highly 


I 



Fijf. 62. — Contact Process. Badische Converter 


concentrated sulphuric acid, water being added con- 
tinuously as the sulphur trioxide is absorbed. 


SO3 + H2O == HaS04. 

It is of great importance in the contact process to have 
the sulphur dioxide and oxygen PJjJ^>,,Qtherwrfe the 
catalyst is affected and its efficiency impaired; "^it is said 
to be poisoned 

The contact process produces sulphuric acid of a very 
high degree of purity, but it is more costly than the 
Chamber Process, by which somewhat less pure acid 
is prepared. 
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(h) The chamber process 

In this process also sulphur dioxide is oxidized by 
atmospheric oxygen, but the catalyst consists of oxides 
of nitrogen. 

The catalytic action of the oxides of nitrogen is due 
to nitric oxide acting as an “oxygen carrier/*. Nitric 
oxide is made either by the oxidation of ammonia (p. 143 ) 
or by one of various other methods, and this is oxidized 
by the oxygen of the air to nitrogen peroxide: 

2 NO.+ O2 = 2NO2. 



NITROGCN 

TO 

CHIHNEY 


Fig. 63. — The Lead Chamber Process 


The nitrogen peroxide gives up its extra oxygen to the 
sulphur dioxide to form sulphur trioxide, which with 
the spray of water forms sulphuric acid. The nitrogen 
peroxide is reduced back to nitric oxide: 

NO2 + H2O + SO2 = H2SO4 + NO. 

[ Excess of air is passed over the iron pyrites or sulphur 
burners, resulting in sulphur dioxide being formed, 
together with oxygen and nitrogen from the air. These, 
along with oxides of nitrogen, pass up the Glover 
tower (fig. 53 ). This is a lead tower, covered inside with 
acid-resisting bricks and packed with flints or acid- 
resisting tiles. Down this trickles a mixture of dilute 
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sulphuric acid (chamber acid — see below) and concen- 
trated sulphuric acid containing oxides of nitrogen in 
solution * This comes from the bottom of the Gay-Lussac 
tower (see below), which is constructed in much^the same 
way as the Glover tower. 

In the Glover tower the ingoing gases extract the 
oxides of. nitrogen from the descending acid, and the 
mixture of gases, oxygen, nitrogen, sulphur dioxide, 
and oxides, of nitrogen, passes into a series of lead cham- 
bers. Here a spray of water is blown in and sulphuric 
acid is formed and collects on the floor of the chambers. 
It is called chamber acid, and is 65-70 per cent 
sulphuric acid. 

The gases emerging from the lead chambers, consist- 
ing mainly of oxides of nitrogen and atmospheric nitro- 
gen, pass up the Gay-Lussac tower, down which con- 
centrated sulphuric acid trickles. This dissolves the 
oxides of nitrogen, and the nitrogen passes into the 
chimney. The concentrated acid, charged with the re- 
covered oxides of nitrogen, passes now to the top of the 
(jlover tower, where the incoming gases take out the 
oxides of nitrogen, as we have seen. 

The acid is concentrated in various ways. In one 
method the chamber acid is sprayed down a brick tower 
up which hot gases from a coke furnace are passing. . 

The lead chamber process is clumsy and produces 
rather impure acid, but it is cheaper than the contact 
process, and chamber acid has a ready sale where pure 
acid is not required. 

Properties of sulphuric acid 

} Sulphuric acid is a dens^. syrupy colourless liquid. 
One outstanding property i^**its great affinity for water, 
‘\^hich it absorbs with the evolution of much heat. In 
diluting the acid, the acid should always be added slowly 
to the water, stirring^ the while. Never add water to the 
concentrated acid. Becausen»Qf its affinity for water, 
concentrated sulphuric acid is t^seful drying agent. 
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An interesting example of its affinity for water is 
shown in its action upon certain organic compounds, 
from which it removes the elements of water. If con- 
centrated^ sulphuric acid is added to some moistened 
sugar in a beaker, the sugar immediately blackens, swells 
up to a frothy mass, and finally leaves a porous mass of 
carbon, smelling of burnt sugar. Sugar has tho formula 
C12II22O1], 2ind the sulphuric acid removes the llH^O: 

CigHoaOn = UH^O + 12 C. 

(HaSOJ 

Paper, which is a compound of carbon, hydrogen, and 
oxygen, similarly has the elements of water removed from 
it by concentrated sulphurig ^cid, carbon being left. 

Sulphuric acid is a (lih'ksic''acid, giving rise to two 
series of salts, normal salts and acid salts, according as 
two or one hydrogen atoms in the molecule are replaced 
by a metal. 

H2SO4 Sulphuric acid, or hydrogen sulphate, 

NaHS04 Sodium hydrogen sulphate, or acid 
sodium sulphate. 

Na2S04 Sodium sulphate, or normal sodium 
. sulphate. ^ ^ 

Most sulphates are soluble in water. Barium sulphate, ' 
however, is insoluble, and its formation as a precipitate 
is used as a test for sulphates. To the suspected liquid 
add dilute hydrochloric acid and then some barium 
chloride solution. A white precipitate indicates the 
presence of sulphuric acid or a sulphate. 

Other salts (for example, carbonates, sujphites, and 
phosphates) give white precipitates with barium chloride, 
but they are soluble in dilute hydrochloric acid, w^hich 
explains why this acid is first added in the test. 

Uses of sulphuric acid 

* / Sulphuric acid has a vast number of uses. It is osed 
in the preparation of hydrochloric acid and nitric acid, 
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in the manufacture of fertili^^ers (e.g. “ superphosphate ’’ 
and ammoniuya sulphate)* in paper refining, for storage 
cells, for “ pickling ** iron (i.e. cleaning iron prior to 
coating with tin), ind in making a vast number of ex- 
plosives, dyes, and other chemicals. 


QUESTIONS 

1. Describe the extraction of sulphur by the Fiasch process 

2. Describe the' changes which occur when sulphur is slowlj’ 
heated until the liquid boils, and is then allowed to cool. 

3. Wliat do you understand by allohopy} How would you 
demonstrate that sulphur exhibits this phenomenon^ 

4. Describe the preparation of (a) monoclmic sulphur, 
(6) crystals of rhombic sulphur, (c) plastic sulphur. 

5. State the principal properties of sulphur. Give reasons 
for classing it with oxygen as a member of the same “ chemical 
family 

6. How is hydrogen sulphide prepared in the laboratory? 
Describe an apparatus in which the gas can be ready for use 
when required. 

7. What are the principal pioperties of hydrogen sulphide^ 
Explain the importance of hydrogen sulphide in qualitative 
analysis. 

8. How is sulphur dioxide prepared in the laboratory? 
What are its chief properties? 

9. How would you prepare crystals of sodium sulphite in 
the laboratory? 

10. Describe the bleaching action of moist sulphur dioxide. 
In what ways does it ditter from that of moist chlorine? 

11. Give reasons for assuming that the formula for sulphur 
dioxide is SOg. 

12. Describe the Contact process for the manufacture of 
sulphuric acid. 

13. Describe the Chamber process for the manufacture of 
sulphuric acid. 

14. What are the principal properties and uses of sulphuric 
acid? 

16. What weight of sulphuric acid could be made from a 
ton of sulphur? 
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PHOSPHORUS 


Occurrence 

Phosphorus was discovered by a German chemist, 
Brand, who obtained it by distilling evaporated urine, 
which contains phosphates, with sand and charcoal. 
Scheele prepared it from bone ash in 1771, after another 
Swedish chemist, Gahn, had shown that bones contain 
a large quantity of calcium phosphate. 

Lavoisier, in 1774, showed that phosphorus is an 
element. Phosphorus does not occur in the free state, 
but does so in combination as phosphates in bones and 
many minerals. 

Preparation 

Calcium phosphate is crushed and mixed with sand 
and coke and fed into a furnace heated by an electric 
arc between two carbon rods (fig. 54, p. 194). 

This is not a case of electrolysis; the electric arc 
merely supplies the heat necessary for the reaction. 

The sand contains silica (silicon dioxide, SiOg) and 
this forms calcium silicate, which is fusible and can be 
drawn off as a slag. (See Smelting of Iron, p. 257.) 
The reaction is 

Ca 3 (P 04 )s + SSiOa = SCASiOg + PgOg. 

(calcium (sihea) (calcium (phosphorus 

phosphate) silicate) pentoxide) 

The phosphorus pentoxide is immediately reduced 
by the carl5a£r^ttJKe)i%i^i^ phosphorus and carbon 
monoxide^: ' 

PaOfi + 5C = 2P + 5CO. 
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The phosphonis vapour and carbon monoxide are led 
under water, where the phosphorus solidifies in moulds, 
forming sticks of white phosphorus. 


CALCIUM PHOSPHATE 
COKE AND SAND 



Properties 

Phosphorus exists in different allotropic modifications, 
the two most important forms being white phosphorus 
and red phosphorus. 

WWte Phosphorus (also called yellow phosphorus) 

This is a pale yellow (white when pure) translucent 
solid of waxy appearance. It is crystalline in form, and 
is moderately soft: it can be cut with a knife. 

Perhaps its two most distinctive properties are that it 
glows in the air, and catches fire spontaneously. The 
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glow is a chemical characteristic — not physical, as in 
most cases of phosphorescence. It is a slow combustion, 
forming oxides.^ . i , , . v, .x l. 

At about 30° T!. phosphofus catches fire and burns 
vigorously, ^ing off dense whit^ fumes which consist 
chiefly of phosphorus pentoxide.t . ^White phosphorus 
is always kept under water, and should be touched only 



Fig. 66, — Phosphorus “ Cold Flame 


with wet hands, if at all; phosphorus bums are very 
difficult to heal. 

The glow of phosphorus may be demonstrated by 
means of an experiment (fig. 55). A fe\v pieces of drv 
phosphorus are placed in a dry flask and covered \vith 
glass wool. The flask is heated gently over a water batb, 
carbon dioxide being passed through all the time. The 
phosphorus vapour cannot burn in the vapour of carbon 
dioxide, but does so as soon as it reaches the air. The 
flame is green and is so cool that the hand may be held 
in it. 
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White phosphorus is very slightly soluble in water, 
but is readily soluble in carbon disulphide. From the 
solution large transparent crystals can be obtained, if 
the solution is evaporated slowly in the dark and out of 
contact with the air. If a piece of filter paper is dij^ped into 
the solution of phosphorus in carbon disulphide, it will 
ignite spontaneously as soon as the solvent has evapo- 
rated, owing to the large surface of the finely divided 
crystals of phosphorus coming into contact with the air. 

White phosphorus is extremely poisonous, and for that 
reason it is no longer used in the manufacture of matches. 
Constant exposure to the fumes of phosphorus causes 
rotting of the bones of the nose and jaws — “ phossy 
jaw 

Red phosphorus, once thought to be amorphous, is 
actually composed of very small crystals. It is formed 
by heating the white form in an atmosphere of carbon 
dioxide or nitrogen. (The white form may be obtained 
from the red by heating the latter in an inert atmosphere 
until it vaporizes, and quickly cooling the vapour.) 

Red phosphorus is denser than the white form, their 
specific gravities being 2*20 and 1-83 respectively. Unlike 
white phosphorus, it is insoluble in carbon disulphide, 
does not glow or catch fire spontaneously in air or chlorine, 
and is non-poisonous. 

Red and white phosphorus may be shown to be forms 
of the same element by converting a weighed amount of 
each into a compound, for example, the pentoxide. The 
same amount of pentoxide is formed in each case. 

Phosphine, PH3 

This poisonous gas is prepared by heating white 
phosphorus with sodium hydroxide solution in an inert 
atmosphere : 

4 P 1- 3 NaOH + 3 HaO = 3NaI^P02 + PH3, 

(sodium 

hypophosphite) 
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A few small pieces of white phosphorus are placed in 
a round-bottomed flask and covered with sodium hy- 
droxide solution. A delivery tube leads to a vessel of 
water, but no gas jar, as the gas is not collected (fig. 56). 
Coal gas is passed through the apparatus, and when the 
air has been swept out, the flask is heated. Phosphine is 
evolved, and each bubble, as it reaches the ^air, burns 
brightly with a yellow flame, and produces a white vortex 
ring of phosphorus pentoxide. 



Phosphine is also formed by the action of water on 
calcium phosphide: 

CagPa + 6H2O = 3Ca(OH)2 -f- 2PH3. 

“ Holmes signals ”, often attached to lifebuoys, con- 
tain calcium phosphide and cakium carbide. When the 
canister is pierced phosphine and acetylene are evolved, 
and the phosphine, igniting spontaneously, causes the 
acetylene to bum. 

Properties. — Phosphine is a very poisonous colour- 
less gas with a distinctive smell of decaying fish. When 
perfectly pure, the gas is not spontaneously inflammable 
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in air; the fact that the gas as usually prepared does so 
is due to the presence of small quantities of another 
h^ride of phosphorus. 

Va hosphine bears some resemblance to ammonia. This 
is shown in its formula, and in the formation of phos~ 
phonium saltSy similar to ammonium salts, e.g. 

PH3 + HCl = PH4CI. 

(phosphonium 

chloride) 

Compare NH3 + HCl = NH4CI. 

Phosphine, however, is only sparingly soluble in 
water, and the solution does not show any alkaline pro- 
perties; no base which could be called phosphonium 
hydroxide is known. 

Chlorides of phosphorus 
White or red phosphorus combines directly with 
chlorine to form chlorides, phosphorus trichloride, 
PCI3, and phosphorus pentachloride, PCI5. 



Fig, 57. — Preparation of Phosphorus Trichloride 


Phosphorus trichloride, PCls, is formed by pass- 
ing dry chlorine over heated phosphorus: 

2P 4- 3 CI 2 = 2PCls. 
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Both the trichloride and pentachloride are attacked 
vigorously by water; 


PCI3 -h SHjjO = H3PO3 + 3 HC 1 . 

(phosphorous 

acid) 

PCI5 + 4H2O = H3PO4 + 5 HCI. 

(phosphoric 

acid) 


Oxides of phosphorus 

There are two important oxides of phosphorus, phos- 
phorus trioxide, P2O3, and phosphorus pentoxide, P2O5. 

Phosphorus trioxide is formed when phosphorus 
burns in a limited supply of air. 

It is a white crystalline solid, and readily oxidizes in 
the air to form the pentoxide. 

Phosphorus pentoxide is formed when phos- 
phorus burns in excess of air. 

It is also a white crystalline solid and its most impor- 
tant property is its great affinity for water, with which 
it combines to form metaphosphoric acid, HPO3: 

P2O5 + H2O = 2HPO3. 

It is consequently used as a drying agent, and is even 
more effective than concentrated sulphuric acid. 

Like sulphuric acid, it is able to extract the elements 
of water from many substances. For example, nitric 
acid loses water to form nitric anhydride (nitrogen 
pentoxide) : 

2HNO3 + P2O5 = 2 HP 08 + N2O5. 

That its affinity for witer is even greater than that of 
concentrated sulphuric acid is shown by the fact that it 
can take the elements of water from sulphuric acid itself, 
leaving sulphuric anhydride (sulphur trioxide): 

H2SO, + P2O5 - 2HPO3 + SO3. 
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Acids of phosphorus 

There are many acids of phosphorus: phosphorous, 
orthophosphoric, pyrophosphoric, and metaphosphoric 
acids. 

Orthophosphoric acid, H3PO4 

This is commonly called phosphoric acid, and is the 
only acid of phosphorus that we shall consider. 

It is formed by the action of phosphorus pentachloride 
on water, or phosphorus pentoxide on hot water, or by 
boiling metaphosphoric acid with water. 

It is generally prepared, however, by the oxidation of 
red phosphorus by moderately concentrated nitric acid: 

P 4- 5HNO3 = H3PO4 + 5NO2 + H2O. 

Properties. — Orthophosphoric acid is a colourless 
crystalline solid soluble in water. The molecule has 
three replaceable hydrogen atoms, and so is tribasic; 
it forms three series of salts: 

H3PO4 Phosphoric acid. 

NaH2P04 Sodium dihydrogen phosphate. 

Na2HP04 Disodium hydrogen phosphate. (Or- 
dinary laboratory sodium phosphate.) 

Na3P04 Trisodium phosphate. 

Tests for phosphoric acid and phosphates. — 
Solutions of phosphoric acid and phosphates, in the 
presence of nitric acid, give a yellow precipitate with 
ammonium molybdate solution. 

Silver nitrate solution give^ a yellow precipitate of 
silver orthophosphate, soluble in nitric acid and am- 
monia. 

Matches 

The chief use of phosphorus is in the manufacture of 
matches. Safety-match heads consist of some inflammable 



202 


PHOSPHORUS 

substance, usually ailtim^li^ sulphide and potassiurt 
chlorate. Red phosphorus is used in the surface on 
which the match is struck. This surface is roughened 
by the addition of powdered glass, and the friction 
between the match head and the prepared surface changes 
the red phosphorus to white phosphorus, which ignites 
the inflammable mixture on the match head. 

For matches that will strike on any rough surface, a 
sulphide of, phosphorus, P4S3, is used. 


QUESTIONS 

1. Describe the manufacture of phosphorus. For what is 
phosphorus used? 

2. Write an account of the properties of white phosphorus 
and red phosphorus. 

3. Describe the laboratory preparation of phosphine. What 
are “ Holmes signals ”? 

4. How are phosphorus trichloride and phosphorus penta- 
chloride prepared? 

6. Give reasons for classifying nitrogen and phosphorus as 
members of the same “ chemical family 

6. Write a paragraph on each ol the following: phosphorus 
trioxide, phosphorus pentoxide, orthophosphoric acid. 

7. Silver nitrate solution is found to give a yellow precipi- 
tate when added to a solution of a certain sodium salt. What 
further tests would you apply to find out what salt it is? 
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CARBON 

^ Occurrence 

Carbon occurs in the free state in large quantities in 
the earth’s crust. Coal consists largely of the clement. 
A purer naturally occurring form of carbon is the crystal- 
line form, graphite, while diamond is the purest form 
found in nature. 

Carbon occurs to a very great extent in the combined 
state. The chalk and limestone hills of our country 
consist of calcium carbonate, CaCOg, and this compound 
of carbon alone occurs in vast quantities in many parts 
of the earth. Carbon dioxide occurs to a small extent in 
the atmosphere. 

All living organisms contain carbon, and the number 
of carbon compounds known amounts to hundreds of 
thousands. So vast is this array of carbon compounds 
that they are all studied under the separate title of 
“ qrganic chemistry **. Organic chemistry originally 
meant the study of compounds derived from animal 
or vegetable organisms, that is, from organic matter. 
However, as many of these compounds can be made in 
the laboratory, and derivatives prepared that are not 
known to occur in nature, almost all carbon compounds 
are now included in organic chemistry. That is, organic 
chemistry is the chemistry of* carbon compounds. In 
inorganic chemistry we study a limited number of carbon 
compounds, such as oxides of carbon and carbonates. 

.^llotroj^ forms of carbon 

Carbon, like sulphur and phosphorus, exhibits the 
phenomenon of allotropy, occurring in two crystalline 

SOS 
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forms, diamond and graphite, “ Amorphous ” varieties 
of carbon consist of extremely minute crystals of graphite. 

Diamond. — Diamonds occur in South Africa, 
Australia, and elsewhere, and consist of colourless 
octahedral crystals. It is to Be noted 
tliat the shape of diamonds in jewel- 
lery is due to the art of the diamond 
cutters; the stone is cut in such a way 
that the maximum lustre is obtained. 
The natural crystalline shape of dia- 
mond is an octahedron (fig. 59). 

Diamond has a specific gravity of 
3*5, and a very high refractive index 
(2*417). It is the hardest substance 
Fig. 69.- -Diamond known, and is used for glass cutting 
and rock boring. 

Graphite. — Graphite is a soft dark lustrous sub- 
stance, crystallizing in hexagonal plates (fig. 60). Its 

specific gravity is 2*5. It occurs 
to a small extent in Cumber- 
land, and in large quantities in 
Ceylon and other countries. 
Graphite of a high degree of 
purity is made in large quan- 
tities where electricity is cheap, 
Fig. 60 . — Graphite by heating coke, together with 
a small quantity of sand and 
pitch, to a very high temperature in an electric furnace. 

Graphite, also known as “ black lead ”, is used as 
a lubricant and for making pencils. 

'‘.Amorphous ’’ carbon 

Coal, coke, soot, charcoal, and gas carbon are all 
varieties of what is known as ” amorphous ” carbon. 
They are all in reality composed of minute crystals of 
the stable allotrope, graphite. 

Goal. — Coal is a black mineral formed by the decay 
of vegetable matter under high pressure. It exists in 
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different forms, according to the conditions under 
which it was formed. 

Anthracite is the purest form of coal, containing 
over 90 per cent of carbon, very little volatile matter, 
and very little ash. It is thus a very useful “ smokeless 
and slow-burning fuel, but of no use in the manufacture 
of coal gas. Bituminous coal is the variety, in general 
domestic use. It contains about 80 per cent of carbon 
and more volatile matter and a little more ash than 
anthracite. Cannel coal also contains a fairly large 
proportion of volatile matter, and was formerly used for 
the manufacture of coal gas; nowadays certain (coking) 
kinds of bituminous coal are mainly used. 

Effect of heat on coal 

Place some powdered house coal (not anthracite) in 
a hard glass combustion tube fitted with delivery tubing 
leading to a boiling tube kept cool in a beaker of water. 



A piece of glass tubing in the form of a jet leads from 
this boiling tube (fig. 61). 

On heating the coal for some time it will be seen that 
there are three main products: coke, left in the com- 
bustion tube; liquids — a heavy dark brown oil, coal 
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tar, and an aqueous liquid above it — condensed in the 
boiling tube; and gas, which can be burnt at the jet. 

Manufacture of coal gas 

In a gas works the coal is subjected to heat,* when it 
decomposes as in the experiment above, and the separate 
products are collected. 

The coal is heated in a series of large fireclay retorts 
heated by a furnace (fig. 62). The volatile products pass 
from the retorts to the hydraulic main, which contains 
water and some condensed coal tar. The ascension pipe 



Fig. 62 . — Diagram to illustrate the Manufacture of Coal Gas 


dips under the surface of the liquid in the hydraulic main 
to prevent ‘‘ back lash ** when the retort is discharged. 

From here the gas is led through a long series of ii;on 
pipes, the condensers. The liquids condense in two 
layers, coal tar and gas liquor, the latter containing am- 
monia and ammonium salts in solution. The tar is led 
to the tar well. 

The gas is drawn through the condensers by means 
of an e^diaust pump, and passes to the scrubbers. These 
are towers filled with cokfc down which a spray of water 
trickles. The water from the scrubbers removes more 
ammonia, and is added to the gas liquor. 

The gas still contains sulphur compounds, principally 
hydrogen sulphide, and these are removed in the puri- 
fiers, a series of low rectangular iron tanks fitted with 
shelves containing bog iron ore, This absorbs 
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the hydrogen sulphide, forming ferric sulphide. When 
all the oxide has been converted to sulphide it is removed 
and exposed to the air, which oxidizes it back to the 
oxide, liberating free sulphur. It is then used again. 
After it has been used a number of times it contains so 
much sulphur that its efficiency is impaired, and it is 
discarded and replaced by fresh bog iron ore. The spent 
oxidsy as it is called, is a source of sulphur for the manu- 
facture of sulphuric acid. Its advantage over iron pyrites 
for this purpose is that it contains no arsenic.* 

The coal gas is stored in gasometers, and pipes lead 
from these to the gas mains for general use. 

Jy-Water gas (p. 220) is generally made at the gas 
^rks and mixed with the coal gas. The amount so 
added depends upon the supply of coal and the demand 
for coke. The maximum amount is 30 per cent. It is 
not now “ carburetted (treated with oil while hot to 
add hydrocarbons which burn with a luminous flame) 
as formerly. 

Coal gas generally consists of hydrogen 50 pet cent, 
methane (a hydrocarbon) 30 per cent, carbon monoxide 
8 per cent, hydrocarbons other than methane 5 per 
cent, together vith small quantities of other gases, such 
as nitrogen, carbon dioxide, and oxygen. 

Summarizing, the products of the dry distillation of 
coal are: 

{a) coke, the solid residue left in the retorts; 

{b) gas liquor, from which ammonia is recovered and 
converted into ammonium sulphate; 

(c) coal tar, a source of countless valuaj)le chemicals, 

including drugs, dyes, and explosives; 

(d) coal gas. 

^j6oke. — Coke is a very useful form of carbon. It 
burns without smoke and gives out much heat, but 
requires more draught than coal. It is used for the 
commercial reduction of jnetallic oxides to metals, for 
example, in the smelting of iron. 
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Lampblack. — This soot is specially made by 
burning substances rich in carbon in a limited supply 
of air. It is used for making shoe polish, printer’s ink, 
and black pigments generally. 

Gas carbon. — Gas carbon is a hard desrposit of 
greyish-black carbon found on the inner walls of the 
retorts in ^ gas works. Its chief use is for making carbon 
rods for electrical purposes, as it is a good conductor 
of eleclricitv. 

Wood charcoal. — This is made by heating wood 
or burning it in a limited supply of air. Its chief use 



Fir 03 — Diapi of British Civili in Respirator, 
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nowadays is as an adsorber of gases. It is porous, and 
so a small mass of charcoal has a very large surface. 
Adsorption is the formation of a layer of the gas on a 
surface, and a porous mass of carbon, such as char- 
coal, can adsorb large quantities of gas. One volume of 
coconut charcoal can adsorb as much as 171 volumes 
of ammonia at S.'F.P. Coconut charcoal, specially 
** activated ” by heating, is used in gas masks (fig. G3). 

Ahimal charcoal (bone black) is made by healing 
bones in closed retorts. It is a good adsorber, having 
a very large surface, since t^je carbon is disseminated^ 
over a very large area of calcium phosphate Animal 
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charcoal is very useful in removing colouring matter 
from many solutions. It is used for removing the brown 
colour from crude sugar solution, making the familiar 
white sugar. 

Chemical properties of carbon 

Carbon burns in air or oxygen, forming carbon dioxide: 
C + O2 = CO2. 

It also combines directly with sulphur, when sulphur 
vapour is passed over red-hot coke. Carbon disulphide 
is formed: 

C + S2 = CS2. 

One of the most important properties of carbon is 
that it is a good reducing agent. Many oxides of metals 
are reduced when heated strongly with carbon. In many 
cases commercial extraction of the metal is brought 
about by heating the oxide strongly with coke, e.g. 

ZnO + C = Zn + CO (see extraction of zinc, p. 274). 
FegQs -}- 3C = 2Fe + 3CO (see extraction of iron, p. 255), 

When heated with concentrated sulphuric acid, carbon 
reduces the acid to sulphur dioxide: 

C - 4 - 2H2SO4 == CO2 + 2H2O + 2SO2. 

It may be shown that graphite, charcoal, etc., are all 
forms of carbon, by the fact that each burns in oxygen, 
forming carbon dioxide only, and that equal weights of 
each form yield equal weights of carbon dioxide. 

The sample of carbon is placed in a porcelain boat in 
a combustion tube (fig. 64, p. 210). In the tube, beyond 
the boat, is some granulated copper oxide, kept in place 
by loose plugs of asbestos. On passing pure dry oxygen 
over the heated carbon, carbon dioxide is formed. The 
purpose of the heated copper oxide is to oxidize any 
carbon monoxide that may have been formed to the 
(ross) 15 
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dioxide. The carbon dioxide is absorbed in the weighed 
potash bulbs, containing potassium hydroxide solution. 

The loss in weight ot the porcelain boat and its con- 
tents gives the weight of carbon used, and the gain in 
weight of the potash bulbs gives the weight of carbon 
idioxide formed. 



Fig. 64. — Proof that Graphite, Charcoal, etc., are all 
forms of Carbon 

It is found that, no matter what form of carbon is used, 
1 gm. of carbon yields 3*67 gm. of carbon dioxide. 


OXIDES OF CARBON 

Carbon forms two important oxides, carbon monoxide 
and carbon dioxide, both of which are gases. 

Carbon dioxide, CO™ 

This gas occurs in the air to the extent of about *04 
per cent of its volume. It is found issuing from the earth 
in various places, and is in solution in natural mineral 
waters. It is continuously being formed by the com- 
bustion of organic substances such as coal and petrol, 
and in exhaled breath. Decay of animal and mineral 
matter also produces carbon dioxide. 

The proportion of carbon dioxide in the atmosphere 
is kept fairly constant because it is absorbed as food 
by green plants. With the aid of light from the sun 
and the catalytic effect of chlorophyll, the green 
colouring matter in plants, the carbon dioxide is ab- 
sorbed, the carbon is retained and changed into starch 
and sugar, and the oxygen is returned to the atmosphere. 
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Preparation. — Carbon dioxide is evolved when 
any acid reacts with any carbonate. It is generally pre- 
pared in the laboratory by the action of dilute hydro- 
chloric acid on marble (a form of calcium carbonate): 

‘CaCOg + 2HC1 - CaClg + H.O + CO,. 

The marble chips are placed in a Woulfe bottle (fig. 65) 
and dilute hydrochloric acid is added by a thistle funnel. 
The gas is collected by upward displacement of air, or 
it can be collected over water, in which some will dissolve. 



Fig. 66. — Preparation of Carbon Dioxide 


Sometimes a Kipp’s apparatus (see p. 179) is employed, 
so that carbon dioxide is “ on tap ” for use at any time 
when needed. 

It is to be noted that while it is true that carbon dioxide 
is formed by the action of any carbonate on any acid, 
lumps of marble and dilute sulphuric acid cannot be 
employed. This is because calcium sulphate is formed, 
and this insoluble solid adheres to the lumps of marble 
and prevents further acid from reaching it. 

If a few marble chips are placed in a test-tube and 
dilute sulphuric acid added, immediate effervescence is 
observed, but after a few seconds the reaction is seen to 
slow down, and it soon stops. If the lumps of marble 
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are removed and scraped with a knife or file and replaced 
in the acid, further brief effervescence is observed, and 
this soon stops as before. 

"Carbon dioxide ^an also be prepared by heating car- 
bonates, wkh the exception of sodium carbonate and 
potassium carbonate. 

f For example, copper carbonate on heating decomposes 
to form copper oxide and carbon dioxide: 

CuCOg == CuO + COg. 

3 The bicarbonates of sodium and potassium give off 
carbon dioxide when heated. Pure carbon dioxide is 
often prepared in the laboratory by heating sodium 
bicarbonate in a hard glass test-tube: 

2NaHC08 = NagCOa + HgO -f COg. 

Industrial preparation. — Carbon dioxide is pre- 
pared on the large scale by the fermentation of sugars 
in the manufacture of beer. It is also collected from 
limekilns during the preparation of quick-lime from lime- 
stone or chalk. 

Properties. — Carbon dioxide is a heavy colourless 
gas with a faint sharp smell. It is slightly soluble in 
water, giving a slightly acid solution; the water dis- 
solves about its own volume of carbon dioxide 'at 
ordinary temperature and pressure. The amount dis- 
solved in water is greatly increased by increasing the 
pressure. 

Carbon dioxide will not burn, nor will it support 
combustion — in fact, the presence of 3 per cent of the 
gas in air prevents the air from supporting the com- 
bustion of most substances, even though oxygen is 
present to the extent of 18 per cent. The gas will, 
however, support the combustion of burning mag- 
nesium. If a length of magnesium ribbon, held wiSi 
crucible tongs, is lit in a Bunsen flame and then plunged 
mto a gas jar full of carbon dioxide, it will continue to 



COMPOSITION OF CARBON DIOXIDE 


218 


burn, spluttering somewhat, and black specks of carbon 
will be seen in the jar: 

2Mg + CO2 = 2MgO -h C. 

» 

The gas is readily soluble in a solution of sodiumii 
or potassium hydroxide, with which it reacts to foroi 
sodium or potassium carbonate: 

2NaOH + CO2 = NasCOg + HgO. 

This property is employed to remove carbon dioxide 
from a mixture of gases, potassium hydroxide being 
generally used, particularly if we wish to weigh the gas 
absorbed (see p. 210). 

The action of carbon dioxide on lime water is interest- 
ing, and it is used as a test for the gas. Lime water is a 
solution of slaked lime (calcium hydroxide) in water. 
On first bubbling the gas through the solution a slight 
turbidity is observed, which increases to a milkiness. 
Fine white particles of a solid can be seen in the solution ; 
these are particles of calcium carbonate: 

CO2 + Ca(OH)2 = CaCOg + H2O. . 

On further passing the gas through the solution, the 
cloudiness lessens and finally disappears. This is due 
to - the formation of calcium bicarbonate, Ca(HC03)2, 
which is soluble in water: 

CaCOg + HaO + CO2 = Ca(HC03)2. ^ 

On boiling this clear solution it again becomes cloudy, 
the calcium bicarbonate decomposing. The reaction is 
the reverse of the previous one^: 

Ca(HC03)a = CaCOg + HgO + COj. 

Oomposition of carbon dioxide ^ 

A small piece of charcoal is placed in a metal spoon in 
oxygen over mercury in an apparatus shaped as shown in 
fig. 66. The carbon is ignited by passing a current of 
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electricity through the thin piece of platinum wire touch* 
ing the piece of charcoal. When the latter has burnt and 
the apparatus has cooled back to 



Fig. 60, — Apparatus 
for determining the 
Composition of Carbon 


room temperature, the vqlumc of 
gas in the apparatus is found to 
be unchanged. 

The carbon has burnt in the 
oxygen to form carbon dioxide. 
That is, 

1 volume of carbon dioxide 
contains 1 volume of oxygen; 
by Avogadro’s hypothesis, 

1 molecule of carbon dioxide 
contains 1 molecule of oxygen. 
But 1 molecule of oxygen con- 
tains 2 atoms, and so 1 mole- 
cule of carbon dioxide contains 

2 atoms of oxygen. 

Now the vapour density of 
carbon dioxide is found to be 22, 
and so its molecular weight is 44. 

The molecule, however, con- 
tains ©2 = 2 X 16 = 32 units of 
oxygen; 


Dioxide 


weight of carbon in the 


molecule — 44 ■— 32 = 12 units 


of carbon. As 12 is the atomic weight of carbon, the 
molecule contains 1 atom of carbon. 


That is, the formula for carbon dioxide is CO 2 . 


Uses of carbon dioxide* 

We have said that carbon dioxide dissolves in water, 
the solubility increasing to a great extent when the pres- 
sure is increased. This fact is used in the manufacture of 
soda water, which consists of carbon dioxide dissolved in 
water under pressure. A solution containing somewhat 
less carbon dioxide, together with some colouring and 
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flavouring, constitutes the “ mineral water so beloved 
of the schoolboy. 

Another use of carbon dioxide is in fire extinguishers. . 
In one type a glass phial of sulphuric acid is surrounded 
by a sdlution of sodium bicarbonate. On strik 
knob at the top of the apparatus, the acid phial is 
the acid mixes with the carbonate and reacts, 
mixture of sodium sulphate solution and catbon 
is ejected. ^ 

Carbon dioxide is used medically, being administetM 
with anaesthetics to deepen the breathing of tx^® 
patient. 

Carbon dioxide is also used in refrigerators, in place 
of ammonia, but is not so efficient. 

Solid carbon dioxide is very useful as % feezing 
mixture, being used to a large extent ijfi keeping ice- 
cream cool. It is called “ carbon dioxide snow on 
account of its snowy appearance; and also dry ice 

Carbonic acid, HgCOg o 

The solution of carbon dioxide in water is, as we 
have seen, slightly acid. It turns blue litmus paper 
claret colour. Part of the carbon dioxide in solution 
has combined with the water, forming carbonic acid: 

H^O + CO2 = H2CO3. 

Although carbonic acid itself has not been isolated, 
its salts, the carbonates, are well known. As is seen 
from the formula, the acid is dibasic, and so gives rise 
to two series of salts: 

H2CO3 (carbonic acjd). 

NaHCOg (sodium bicarbonate). 

NagCOg (sodium carbonate). 

Test for carbonates 

All carbonates react with acids, giving off carbon 
dioxide, and this affords a good test for carbonates. To 
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the suspected carbonate add dilute hydrochloric acid, 
and if a gas is evolved bubble it through lime water in 
*ca^*^fest tube. If the lime water turns cloudy, the gas is 
fj^rbon dioxide, and so the substance is a carbonate. 

Caitlion monoxide, CO 

— This poisonous gas is normally 
prCTj(d:<eid:ip, the laboratory from concentrated sulphuric 
^^^jjlind^oxalic acid. The sulphuric acid removes the 
tpts^bf water from the oxalic acid, and a mixture 
on monoxide and carbon dioxide is evolved. 

H2C2O4 ^ H2O = CO2 + CO. 

(oxalic (removed 
by H,S 04 ) 



Fig 67 — Preparation uf Carbon Monoxide from Oxalic Acid 


Crystals of oxalic acid are placed in a flask fitted with 
a thistle funnel and delivery tube joined to potash bulbs 
or a bottle containing potassium or sodium hydroxide 
solution. From the bottle the delivery tube leads to a 
gas jar inverted over water (fig, 67). 

Concentrated sulphuric acid is poured down the thistle 
funnel and the flask is gently heated. Carbon dioxide 
and carbon monoxide are evolved, and the dioxide is 
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absorbed in the potassium hydroxide or sodium hy 
droxide solution : 

CO2 + 2 NaOH =^Na2C03 + HgO. 

. CO2 + 2 KOH = K2CO3 + H2O. 

The carbon monoxide is insoluble in Ae alkali, jjftd 
so passes on and is collected in the gas jar. . ^ 

Another interesting laboratory preparation is 
reduction of carbon dioxide with carbon: 

CO2 + C = 2 CO. 



Fig. 68. — Preparation of Carbon Monoxide by reduction of 
Carbon Dioxide 


Carbon dioxide is prepared from marble chips and 
dilute hydrochloric acid, and the gas is passed through 
a long copper or silica tube packed with red-hot charcoal. 
Any unreduced carbon dioxide is absorbed in a bottle 
of sodium hydroxide solution, and the monoxide passes 
on, to be collected over water (fig. 68). 

Properties. — Carbon monoxide is a colourless, 
odourless gas insoluble in water. It burns with a lam- 
bent blue flame, forming carbgn dioxide: 

C 4“ Og = COg. 

It does not support combustion and does not react 
with lime watei^ The gas is very poisonous and is par- 
ticularly dangerous on account of its having no smell. 
Its poisonous action is due to the fact that it reacts with 
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the hcemoglobin of the blood, forming carboxyhaemo- 
"rhis prevents the hasinoglobin pertorming its 
t function of absorbing oxygen to lorm oxyhaemo- 
m. Very small quantities of carbon monoxide are 
lent to cause death. Carbon monoxide is present 
jejchaust fumes of petrol engines, and so it is dan- 
run engitie of a car in a gaiage with the 
doors closed. 

jC^rbon mohoxide is foimed m a coal or coke fire 

■ I 

CO 




«L+i:-2Cp 


/ CO 

COjfC«2CO 

* V 

c+o-co, ^ 


C4 O-COj 
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AIR -^1 
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Open Closed 

Fig. 69. — Anthracite btove 


In a coke or anthracite stove, or in a coal fire when the 
volatile matter has burnt and the coals are glowing, the 
combustion of carbon is as follows: 

(а) Air enters from below and the carbon burns com- 
pletely, forming carbon dioxide: 

C -f- O2 = CO2. 

(б) 7'his carbon dioxifie, rising through the red-hot 
carbon, is reduced to carbon monoxide: 

COg + C =- 2 CO. 

{H) If the fire is open, i.e. if more oxygen can get in at 
the top, the carbon monoxide bums with a pinkish-blue 
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flame, forming carbon dioxide, which goes up^tije 
chimney: * 

2C0 + 02.= 2 CO 2 . 

If the fire is closed, as in a slow-qombustion stov^J 
oxygen is admitted at the top, and so the cai‘bQi^i 
oxide cannot burn but goes up the chimney.-^^ 
case it is important not to have any craefep in me top of 
the stove through which carbon mopaxide- can es(;jitj)c. 
It is equally important to see that the flue^i^. do^p QOti 
lead loosely into the chimney stack, sO 
draught would blow the poisonous gas* into 
The pipe should either lead directly 
cemented into the chimney stack. ^ ^ 

Sometimes, on opening this typcn,^:^ slSPve^l®^ aiif 
suddenly coming into contact with theAot 
oxide causes a great tongue of pinkfsn-blue al^reofe. 
burning gas to be thrown out. * 

Use. — Carbof. monoxide is ?ised as a fuel 

in the form of producer gas or water gas. 


producer gas and water gas 

It is convenient to make these two fuels together. 
They are prepared at most gas works, the gases being 
used to help in heating the retorts. Some of the water 
gas is mixed with the coal gas. 

Producer gas is made by blowing air through a 
large cylinder of red-hot coke. The coke burns fiercely 
in the blast of air, forming carbon dioxide. This is 
reduced as it passes up through the red-hot coke, form- 
ing carbon monoxide. The reactions are the same as 
those occurring in a closed aJithracite stove, just de- 
scribed. As the air contains nitrogen, producer gas 
consists of a mixture of nitrogen and carbon monoxide. 

Pioducer gas is ^sidely used in industry, both as a 
source of heat and for driving gas engines. It is sotoe- 
times .used in motor vehicles as a substitute for petrol 
when the latter is scarce, as in war time. 
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gas. : — After air has been passed through the 
co^/^^.Tor some minutes in the preparation of producer 
- ooke get$ white-hot, since great heat is given 
&,air Hast is then shut off and steam is passed 
is reduced by the carbon, forming 
^^*11 and carbon monoxide: 

H20 + c = n, + CO. 



Heat is absorbed in this reaction, and so the temperature 
of the c6l& falls. When the coke is only red-hot, the^ 
, Steam is-!|j^Xit oft and air is again blown in. Thus pro- 
‘ dui:er g^is are produced alternately. 


QUESTIONS 

w i. Write an account of the allotropic forms of carbon. 
How would you show that graphite and lampblack are forms 
of the sapie element f 

2. Describe the m^u^ufacture of coal gas. 

3. Describe two experiments to show that carbon is a 
reducing agent. 

4. What are the chief uses of the different form? of carbon? 
I^Jow is carbon dioxide prepared in the laboratory? 
ftr’What are the chief properties and uses of carbon dioxide? 

" 7. Describe an experiment to show that carbon dioxide 
contains its own volume of oxygen. Give reasons for assum- 
ing that the formula for carbon dioxide is COy. 

8. ijeacribe a laboratory method fot the preparation of 
carbop monoxide. What are its principal properties? 

^ 9. ^describe the chemicalt changes that occur when zinthra- 
in a stove. 

10. ^rfeiticribe the manufacture of producer gas and water 
gas. "What are their chief uses? 

11. What volume of carbon dioxide at S.T.P. can be pre- 
pared from 20 gm. of marble? 



CHAPTER XXII 


SILICON 

^Pccurrence 

Next to oxygen, silicon is the most abtindas^y occur- 
ring element in the earth’s crust althougj^i^^pf/ound 
uncombined. It occurs chiefly as the oiioe, ^Ifi^and 
as silicates. The silicates may be Considered to be 
pounds of silica and basic oxides. 

Sand, quartz, and flint consist of silica. Many rocks, 
such as basalt and granite, and also clay, consisVf Urg^ 
of silicates. 

Preparation 

The element (Si) may be prepared by heating silica with 
magnesium : 

+ 2Mg = 2MgO + Si. 

So prepared, the element is a brownish 
powder. It also exists in crystalline form as a hsittd 
greyish solid. 

When heated strongly in air it forms silica: 

Si + O 2 = SiOg. 

It burric in chlorine, forming silicon tetrachloride!;^ 
SiCl 4 , a volatile liquid. ^ / 

Silicon, although a non-metal (its oxide is ’4ddic), ^ 
forms alloys with certain metals. Silicon steel is used 
in making the cores of electromagnets. 

Silica, Si02, occurs in crystalline form as quartz, 

221 



222 


SILICON 


some quart? crystals being very large and well-defined 
(fig. 70).^C , 

Sand of small grains of quartz mixed with 

Sit^'is an acidic oxide, since it combines vCith bases 
to form salts, known as silicates. 

Wheq|silica is heated very strongly it fuses, and may 
then be worked like glass. This quartz glass is an amor- 
phous form of silica and is very useful for making 




Fig 70. — Quartz Crystal 


a ^laratus, as it has an extremely low coefficient of 
feKp#«,sion, and may be heated and cooled rapidly with- 
out Cracking. 



^ silica combines with bases to form 
pie, silica dissolvec i^ .caustic soda, 
ailicalc . 

i 4- 2NaOH = NagSiOa -f HgO. 


(sodium 

Silicate) 



'Icnown as water glassy is soluble in 
for preserving eggs. The calcium 
up the pores of the egg-shell and 


^ ^ ;mg in. ^ 

consists of a *mixture of silicates. When a 
^ture^f sodium carbonate and calcium carbonate is 
ed with silica, a mixture of sodium silicate and cal- 
Stini silicate is formed: 


SiOg + NagCOg = NagSiOg + COg. 

SiOg + CaCOa - CaSiO^ + CO^. 


SILICON CARIilDE 


This mixture is ordinary soft glass^ i| used for 
making bottles, test tubes, flasks, etc. 

Hard glass. — 'J'his fuses at a hig^’jp^rppferature 
than ordinary soft glass It is made frdCT fMf^i^ium 
carbonat?? instead of sodium carbonate, and con- 
sists of a mixture of potassium and calcium silicates. 

Flint glass, used for making lenses and prisms on 
account of its high refractive index, consists of potas- 
sium silicate and lead silicate. It is softer than ordinary 
glass, and care must be taken not to scratch lenses when 
polishing them. ' ' 

Coloured glass is made by the adcfRjS^^ijjjfvarious 
metallic oxides to ordinary glass. 

Glass is really a supercooled liquid, that is, a li^id 
cooled below its freezing-point without the particles 
forming themselves into a crystalline structure. If glass 
IS heated it will not, as a true solid should, melt t a 
definite temperature; it gradually gets softer and^<^t;^ 
over a very wide ange of temperature. Glass very slowly 
crystallizes, and when this has occurred it is vei^ brittle* 
and is of no use. The glass is then s^fd ; fied, 

Silicon carbid^ SiC 

Silicon 'carSme, known as Catbori 
by heating a mixture ot silica and 
temperature in an electric furnace: 

SiO;i + 3C -= SiC + 

Carborundum is very hard, and 
abrasive for sharpening tools, grf 
engines, etc. 

• 

QUESTIONS 

1. What are the chief properties of silicon? 

2. How doe*^ silica occur in nature? What happens wB 
silica IS heated very stiongly? 

3. Write a paragraph on each of tlie following * water 
soft glass, hard glass, flint glass, carborundum. 
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METALS AND NON-METALS 

Most people can tell at a glance whether a certain 
substance is a metal or not. Their judgment is no doubt 
based oa the peculiar lustre which metals possess. 

J;^^to be noted, however, that in chemistry we do not 
refer to all substances which are not metals as “ non- 
metals It is wrong, for instance, to call glass and wood 
non-metals, even though they are not metallic in ap- 
arance or other properties; they consist of compounds, 
' are made up of metals and non-metals. A non-metal 
dement that is not a metal. Thus, sulphur, nitrogen, 
phosphorus, and bromine are all non-metals, 
s^jgompare the properties of metals and non- 
^see ta^te'^apposite). Exceptions to the rule are put 
)rackets. 

^he most important difference between meuls and 
metals is thati ^metals form basic oxides while non- 
foitu acidic oxides. If there is any doubt whether 
lent is a lhet;al or a non-metal, that is the decisive 
; it forms a basic oxide, it is a metal. Some metals 
a acidic oxides as well as basic, but the normal oxide 
»asic. No non-metal forms a basic oxide. 

Alloys w 

Most metals when melted with another metal mix 
with it to form a homogeneous liquid. On cooling, an 
intimate mixture is formed. This is called an alloy. 

Generally these solid mixtures arc not homogeneous : 
on examination under the microscope separate crystals 
are observed. 
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METALS 


NON-METALS 


Physical 

Exhibit^ a peculiar lustre on 
their surface; they can be 
polished and reflect light 
regularly. 

Arc all solids at ordinary tem- 
peratures. {Mercwy is liquid. ) 

Have high melting-points and 
very high boiling-points. 
(Mercury has a melting-point 
below iy* C. and sodium and 
potassium below 100^ C.) 

Have high specific gravities. 
{Sodium and potassium have a 
specific gravity less than 1.) 

Are malleable and ductile. 
That is, they can be ham- 
mered into sliects and drawn 
into wire. (Zinc is rather 
brittle.) 

Are good conductors of heat 
and electricity. 


Do not dissolve, except in other 
metals.. ^ 


Are electiopositive, that is, 
they go to the cathode in 
electrolysis. 


Differences 

Have no such lustrous appear- 
ance. {Graphite and iodine, 
however, show some sort of 
metallic-looking sheen.) 

Some are solids, s5me liquids, 
and some gases. 

Have low mcltitvg-points and 
boiling-points. {Carbon and 
silicon have very high melting- 
points.) ' * 

Have low specific gra. 44 es. 
{Iodine has a specific gravity 
of 4‘9.) 

If solids, are brittle. {Plastic 
sulphur IS not brittle.) 


Are bad conductors of heat and 
electricity. (Graphite is agqipd 
conductor of electricity, though 
not as g^ood^f^\> . . * 

Di;$6elve in some solvent, such 
asvwater, alcohol, gr caibnn j 
disuTphide. (Carbon and sili- 
con belitUPeUihe metals in this 
respect.) 

Are electrd^ga|Lye, that 
they go to the aSw 
trolysis. 


Chemical Differences 


Form basic oxides. 

Chlorides are true salts and are 
not decomposed by water. 

Either do not form compounds 
with hydrogen, or form non- 
volatile, unstable compounds. 

Do not react with one another 
to form stable compounds, 
but react with non-metals. 


Form acidic oxides. 

Chlorides are not true salflh 
and are decomposed by water. 

Form stable volatile conv 
pounds with hydrogen. 

React with both metals and 
non-metals. 


(F 083) 
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Some important alloys are given in the table below: 


Allov 

Composition 


U*-e 

Brass. 

Copper and zinc. 

*Eabily turned, 
cast, and sol- 
dered. 

Machine parts, 
ornaments 

Bronze. 

Copper and tin. 

Strong. 

Coinage, ma- 
chine parts, 
statuary 

Solder. 

J^oad and tin. 

Low melting- 
point 

Soldering 

Stainless 

steel. 

lion, carbon, and 

poes not rust 
or tarnish 

Cutlery. ' 

Col)alt ^ 

ffTmn, carbon, and 
. cobalt 

Retains mag- 
netism well. 

Pdrin axient 
magnets. 


'rHE ELECTROCHEMICAL SERIES 

It is known that if zinc and copper plates are dipped 
.into a dilute acid and are connected externally by an 
electrical conductor, a current of electricity flows in the 
conductor from the copper to the zinc. Within the 
eleCCtolyte the current flows from the zinc to the copper. 
When,ij|tatiW>«<toM»^,fhe copper is said to be at a higher 
potential than the feinc, . ' 

Other f»airs of metate can be used, and a list can be 
compiled in whici^iflj any two are placed in an electro- 
lytj^jhe ,extrftial Current will flow from the metal in 
to that in the higher position. In 
te the current flows from the metal in the 
'position to that in the lower. Thus our list will 
consist of the metals in order of their potentials when 
in contact with an electrolyte, and it is called the elec- 
trochemical series. , 

The following is the series, so far as the metals which 
are studying meanwhile are concerned: 

fPotassium. Aluminium. Copper. 

Sodium. Zinc. Mercury. 

Calcium. Iron. Silver. 

Magnesium Lead. 
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Thus, if plates of silver and iron are placed in dilute 
sulphuric acid and connected up to make a cell, the 
current in the external circuit would be from the silver 
to the itOii, and in the acid*the current would flow from 
the iron to the silver. 

This list of metals does not merely concern electrical 
potential; if that were the case, this book would be no 
place to discuss it. It is found, however, tfiat there is 
a gradation in the chemical properties of metals as we 
proceed down the list. 

You know, doubtless, that if a peola ufe M ade is dipped 
into a solution of copper sulphate it becoinraihj^^ with 
copper. Actually there is an exchange of m®||Ljl^ron 
dissolves from your knife blade, forming ferrous sul- 
phate, and copper is liberated as metal and adheres to 
the blade: 

Fe + CUSO4 = FeS04 -f- Cu. 


It is found that when a metal displaces another metal 
from a solution of its salts, it is higher in the electro- 
chemical series than the metal it displaces. I'hus^^nc 
will displace copper and silver from 
sulphate and silver nitrate respectively. 

The electrochemical series is also^the order of chemical 
activity and stability of metals. Flrf**tag m i)le, potassium 
and sodium are extremely active, as is seeff|jw theinlhdLion 
with water, and in their other properftosT^^^Ul^ iMIls 
are consequently not found in the free stS 
difficult to isolate. Metals low in the list are fd? 
the free state (gold has a position below that of silver) 
and are easily isolated from their compounds. The 
metals down the list as far as iron liberate hydrogen from 
dilute sulphuric and hydrochloric acids, with decreasing 
readiness, and from lead downwards they do not do^ 
Similarly, the metals down as far as calcium libc 
hydrogen from cold water, with decreasing reading 
and the heated metal does so from steam down as far ' 
iron. Below iron on the list they do not decompose wateff 
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In compounds of metals, too, there is this gradation 
of properties. For example, the oxides of metals down 
the list as far as copper are stable when heated, but below 
they decompose, liberating oxygen and leaving the metal. 
The oxides down as far as zinc are not reduceid when 
hydrogen is passed over the heated metal, but from iron 
down the list they are reduced to the metal, water being 
formed. 

Some cases of this gradation in properties of metals 
and their compounds down the electrochemical series 
are shown in the following table : 



Mg Al Zn Fe 

Pb Cu 

Hg 

Ag 

. 

Decompose cold 
water, giving 
hydroxide and 
hydrogen. 

Heated metal decom- 
poses steam, giving 
oxide and hydrogen. 

Stable to water and steam. 




Dispiace hydrogen from dilute 
hydrochloric or sulphuric acid. 

Not attacked by dilute hy- 
drochloric or sulphuric acid. 

Oxides stable when heated. 

.r- 



Oxides decom- 
pose on heating. 

^^Fd'^Moluble 

hydroxides. 

Form insoluble hydroxides. 

Form no 
hydroxides. 

Nitrates 
decompose 
on heating to 
give nitrites. 

Nitrates decompose on heating to 
give oxides. 

Nitrates de- 
compose on 
heating to give 
metals. 










QUESTIONS 


QUESTIONS 


1. Wiite down the principal physical and chemical dif- 
ferences between metals and non-metals 

2. Give examples to show how the physical properties of 

metals are utilized. * 

3. Give as many reasons as you can for assuming copper 
to be a. metal, kiid sulphur to be a non-metal. • 

4. What is an alloy? Describe three alloys with which you 
are familiar, stating their advantages and uses. 

6. What is the elecirochtmtcal importance 

in chemistry? 
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SODIUM 

Qcdtirrence 

>1 T ♦ 

occur in nature in the free state. 
This is to be expected, since it is an extremely active 
substance. Sodium salts, however, occur widely in the 
earth’s crust. Sodium chloride is the principal solid in 
solution in sea water, and sodium nitrate occurs in the 
vast qaliche deposits of Chile. 

Sir Humphry Davy isolated sodium in 1807 by the 
electrolysis of fused sodium hydroxide. I'he principle 
of his the preparation of sodium to>day. 

Indus^P^l preparation. 

The sodimn hydibpd^' is made from common salt by 
electrolysis’^ThW^ dSustic soda is fused in an iron po^*, 
with a cylijJIH^ iron rod as cathode. A nickel cylinder 
and is separated from the cathode by a 
cylinder (fig. 71). 

The caustic soda decomposes on electrolysis: 

NaOH = Na+ + OH". 

'I'he sodium is liberated at the cathode and the 
thydroxyl (OH") group cannot exist as such and decom- 
IS at the anode, forming water and liberating oxygen; 

20H“ - HgO + 0"~. 
r 

The water formed is absorbed by the caustic soda and 
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is imiTiediately attacked by some of the sodium at the 
cathode : 


2Na 1- 2 H 2 O - 2NaOH ^ Ho. 



Properties 

Sodium is a soft metal with a specific gravity of 0*9'?."* 
It melts at 97° C. When it is cut with a knife it shows d?, 
lustrous silvery surface which very quickly 
forming sodium oxide, NagO: 

4Na + O, = 2NaaO. 
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The oxide immediately combines with water vapour 
from the air, forming sodium hydroxide: 

Na^O + H 2 O = 2NaOH. 

The sodium hydroxide slowly reacts with • carbon 
dioxide in the air, forming sodium carbonate: 

2NaOH + CO 2 = NagCOa f H^O. 

For this reason, sodium is kept sealed up in tin cans. 
In the laboratory it is kept in bottles under petroleum. 

When heated in the air, sodium melts and burns with 
a bright yellow flame, forming sodium peroxide: 

. 2Na + Og = NagOg. 

Action of sodium on water 

When a small piece of sodium is dropped on to the 
surface of some water in a trough (note: a large portion 
of sodium with a small amount of water is dangerous), 
it is noticed that the sodium floats, forms a globule 
and darts about the surface, diminishing in size until it 
finally disappe,a&. Hydrogen is given off, which may 
be burnt if a^IighUis applied. The hydrogen caq be 
collected by wrapping up small pieces of sodium in ^^ire 
gauze (an old discarded square of wire gauze can be ^orn 
up into 16 pieces for the purpose) and dropping them 
into water. Jthe^^^ackages sink, and bubbles of gas rtSe 
and can be* collected in a test-tube and shown to be 

" The liquid in the trough is slimy to the touch and alka- 
line to litmus. It is a solution of sodium hydroxide: 

2Na + 2 H 2 O = 2NaOH -f Hg. 

Flame test « 

When sodium or any compound of sodium is placed 
in a Bunsen flame, a bright yellow coloration is ob- 
served. This colour cannot be seen through blue glass. 
The flame test is usually performed by heating a piece 
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of platinum wire in a Bunsen flame until there is no 
coloration of the flame, dipping the wire into dilute 
hydrochloric acid, and then touching the substance to 
be tested with the tip of the wet platinum wire. A little 
adheres, Und this is held in the edge of the flame. 


, Sodium hydroxide, caustic soda, NaOH. 

v^^aboratory preparation. — Sodium hydroxidd 
solution ,can be prepared in the laboratory by the action 
of sodium on* water, as described above. 

It can also be prepared by boiling a solution of sodium 
carbonate with excess of slaked lime (calcium hydroxide) : 

NajCOa + Ca(OH )2 = CaCOg + 


The lime is added a little at a time to a hot 10 per cent 
solution of sodium carbonate, stirring while the addition 
is made. A white solid is seen at the bottom of the beaker, 
and this consists of calcium carbonate and excess' lime. 
On filtering, a solution of sodium hydroxide is obtained, 
which may be evaporated if the solid is requir^^H^. 

MtiidHiStrial preparation 

Cadstic soda is prepared on the large scale, together 
witlijichlorine and hydrogen, by the«^ctrolysis of brine. 
There are many adaptations of this one of the 

most important being the Castner Kellner pro *ss. 

When a current of electricity is passed through .a' 
it decomposes into sodium and chlorine. 'Fhe 
immediately reacts with the water, giving, A'" 
and forming sodium hydroxide. The sodium W 
however, reacts with the chlorine, giving sodiuflL 
and sodium hypochlorite: 


2NaOH + Cl, = NaCl -+ NaOQ + 

It is necessary, therefore, if sodium hydrtxidSr is 
required, to separate the products to prevent them fn 
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reacting.^’ The Castner Kellner cell (fig. 72) is an in- 
genious arrangement for doing this. 

Each cell is divided into three parts by partitions which 
reach nearly to the bottom of the cell. The two outer 
compartments contain brine, and the middle one water. 
Mercury on the floor of the cell separates the compart- 
itients, yet connects them electrically. 

_ The anodes, dipping into the brine compartments, 
are made of carbon, while the cathode in the water of 
the central compartment is made of iron. 
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Fig. 7^. NfaiiufactuYti^Kif .Caustic Soda, Chlorine, and Hydioqen. 
1 * CastnWJC^Ilner Process 


Chlorine at the anodes, and is led off t*y the 

ipes In the two outer compartments the 

K ‘ s as the cathode, and the sodium liberated 
liately forms an amalgam with the mercury, 
is rocked by the rotation of the eccentric 
sodium am^gam passes into the central 
t, Htere the sodium reacts with the water, 
dium hydroxide arid liberating hydrogen, 
es by the pipe. 

im hydroxide solution is evaporated in iron 
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Properties 

Sodium hydroxide is a very deliquescent white crystal- 
line solid*. It is kept, generally in the form oi sticks, in 
airtight bottles, as it reacts with carbon dioxide in the 
air to form sodium carbonate: 

2NaOH + CO 2 -- NagCOg + HgO. 

The solution is very strongly alkaline, turning red 
litmus blue, and forming sodium salts with acids. 

'On adding sodium hydroxide to a solution of a salt, 
the hydroxide is formed. Most of thes^^jrejnsoluble, 
and so are precipitated. For example, ferric'wfSfdxide, 
Fe(OH) 3 , is precipitated as a reddish-brown gelatinous 
precipitate when sodium hydroxide is added to ferric 
chloride solution: 

FeClg + 3NaOH = Fe(OH )3 + 3NaCl. 


-AUses of sodium hydroxide 

In tbe laboratory sodium hydroxide for absorb- 

ing carbon dioxide and sulphur ^diraide, arid ifor other 
purposes. ^ ^ ^ , 

Qommercially it is used for tiaafeinghard soap, and 
in the manufacture of glass, artificial 

Sodium chloride, common salt, NaCl ^ 

Sodium chloride is a white crystalline solid, 
in sea water, and underground in solid form as ^^ckti 
It crystallizes in cubes, with no^ water of hydn^tiojg 

The deliquescence of common salt is due 
sence of a little calcium chloride as imput|jys 
sodium chloride is not deliquescent. Tabl^ 
contains a little sodium bicarbonate, whichi^act^} 
the calcium chloride, and so prevents deliqu^benoeT^, 

CaClj + 2 NaHC 03 = CaCOg + 2NaCl + U^O + CO^ 
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Sodium carbonate, Na2C03 

Anhydrous sodium carl;)^onat(; is a white powder. It 
crystallizes with water of hydtatioii to form large colour- 
less crystals of washing soda, NagCOa-lOHgO. 


vjtidustrial preparation 

* Sodium carbonate is prepared on the large scale by 
the Solvay -t>rocess, also known as the ammonia - 
soda process. 

Brine, nearly saturated with ammonia, enters the top 
of a tower, down which it trickles slowly (fig. 73 ). Carbon 



Pig, t3. — Solvay Tower Ammonia -Soda Process 

[iodide i^ passed up the tower under pressure, and reacts 
the 6i^monia, forming ammonium bicarbonate: 


KH3 + H2O + CO2 = NH^HCOs. (i) 


The anjtmonium bicarbonate thus formed reacts with 
^the chloride, forming ammonium chloride and 

; j^fcarbonate: 


NH4HCO3 + NaCI = NH4CI + NaHCOa. (ii) 
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The sodium bicarbonate collects as a white sludge at 
the bottom of the tower and is pumped out through 
vacuum filters. 

The sodium bicarbonate is heated, when sodium 
carbonates, a white powder known as soda ash, is formed ■ 

2NaHC03 = NajjCOa f HgO + CO2. (iii) 

This is dissolved in hot water and crystallized out in 
the familiar large crystals of soda, Na^CO3:10H2O. 

The afnmonia-soda process eliminates waste products 
in a most ingenious way. The carbon dioxide passed 
up the tower is made by heating limestone: 

CaCOg = CaO + CO2. ' ^’’^V^^iv) 

The carbon dioxide from equation (iii) is added to the 
gas produced from the limestone. 

Ammonia is recovered from the anunonium cMoride 
formed as shown in equation (ii) by treatment wi^ lime 
from equation (iv) . 

2NH4CI + CaO == CaCl2 + H2O + 

It is seen that theoretically all th6 
recovered Some ammonia escapes at 
tower, but is recovered and absorbed by 
practice the loss of ammonia is very small, 
course, to be made up. Calcium chloride* 
waste product m the ammonia-soda process. 

v^roperties ^ 

Sodium carbonate forms large crystals 8f the cqm ^ 
position NagCOg-lOHaO. These effloresce the iui ^ 
forming the lower hydrate, Na2C03'H20, wil^ch appears 
as a white powder covering the clear crystals^ ^ 

Sodium carbonate does not give off carbon dioxide on 
heating. Most other carbonates, except potassium car-' 
bonate, do so. 

Soda is used in households for softening water an 4 ^ 
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cleaning. It is used in the manufacture of glass, water 
glass, and borax, as well as in other industries^^^^^ 

>Sodium b^arbonate, NaHCOg 


Sodium bicasfbonate can be prepared in the laboratory 
by passing excess of carbon dioxide into sodium hy- 
droxide Solution. At first the carbonate is formed: 


.2NaOH + CO 2 = NagCOa + H^O. 


, On continuing to pass carbon dioxide, the bicarbonate 
is formed: 

^NajjCOa + H2O + CO2 = 2NaHC03. 

It is to be noticed that the above reactions bear a close 
resemblance to those occurring when carbon dioxide is 
passed through lime water (calcium hydroxide). In that 
case, however, the calcium carbonate first formed, being 
insoluy^^, js precipitated, the liquid subsequently clear- 
ing as more* carbon dioxide is passed in and the soluble 
bicarbonate^ formed. In the case we are considering, 
however, both sodium carbonate and sodium bicarbonate 
are sohihfe in .yvater, and so no change from one to the 
other 

It l>e remembered that on boiling the clear 

soluti6xt.^^of calcium bicarbonate, cloudiness is again 
^ ob^fetved, due to the decomposition of the bicarbonate 
"ipmto the carbonate and carbon dioxide. Similarly, on 
boiling a solution of sodium bicarbonate, or heating the 
solid, it decomposes, giving off carbon dioxide and 
leaving the carbonate: 

2 NaHC 03 -= Na^COs + H^O + CO^. 

^ f*ure anhydrous sodium carbonate is generally pre- 
pared in the laboratory by heating sodium bicarbonate. 
This process is also used when carbon dioxide purer 
than that obtained fiom marble and dilute hydrochloric 
iwrid is required. 
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Sodium bicarbonate is a white crystalline solid soluble 
in water. It is used as baking powder, because on heating 
carbon dioxide is given off, an^ this aerates cakes, etc. 

Sodium 'nitrate, NaNOg 

This salt occurs in vast quantities in Chile and is 
known as Chile saltpetre. 

It is a white crystalline solid soluble in water, the 
crystals being deliquescent. ' - 

On heating » sodium nitrate strongly ^t decomposes, 
sodium nitrite being formed and oxygen evolved: 

2 NaN 03 = 2NaN02 +. 0^. 

(Other nitrates, with the exception of potassium 
nitrate, do not behave in this way, but generally decom- 
pose on heating, forming the oxide.) 

Sodium nitrate is used as a fertilizer and for the manu- 
facture of nitric acid and nitrates. ' * 


POTASSIUM I 

* ' 

Potassium is ap clement bearing "a yOTT^i^striking 
resemblance to sodium, both in its owh' prattles and 
in those of its compounds. Just as chl6ril3|R%»qmine, 
and ’iodine are classed together as a “ chemical. family ” 
called the halogens, so potassium and sodium, togefn^ 
with some other metals, are classed together. This^ 
family of elements is called the alkali metals. 

Occurrence 

t 

Potassium occurs in combination in vast quantities 
in the Stassfurt deposits, where various potassium salts 
are found. The chief one is carnallite, a doubll 
chloride of potassium and magnesium, KCl-MgClg-CStlgO. 

Potassium is prepared by the same method as that 
used for the preparation of sodium, namely, the electro-^- 
lysis of the fused hydroxide. 
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Properties 

Potassium is a soft met&I which has a bright lustre 
when it is freshly cut, but it very quickly tarnishes, 
forming the oxide, hydroxide, and finally the carbonate, 
just like ^sodium It has a lower melting-point than 
sodium, namely, 62*^ C., and like sodium it has a specific 
gravity less than 1, namely, 0*86. 

When a *small piece of potassium is dropped on to the 
surface of water,! the reaction is similar to 'that seen with 
sodium, but is even more vigorous. The heat of the 
reaction is sufficient to ignite the hydrogen, which is 
seen to, j;>us:n with a pale violet flame : 

2K + 2 H 2 O = 2KOH + 

Flame tfest; 

This vioUt, coloration of a flame affords a good test 
for potassmtn^ compounds- All potassium compounds 
colour a Bunsen flame a pale violet, but the colour is 
often masked by the strong yellow of sodium com- 
pounds, even when only traces of the latter are present. 
It will ht remembered that the yellow sodium color- 
ation is not visible through blue glass. The potassium 
flame, however, can be seen through it, and so when 
testing for potassium the flame is always viewed through 
a piece of blue glass. 

Potassium chloride is similar to sodium chloride, 
crystallizing in cubes without water of hydration. 

Potassium hydroxide is prepared by a method 
similar to that employrtl for sodium hydroxide, and it 
has similar properties. It is often used instead of sodium 
hydroxide for absorbing carbon dioxide and sulphur 
dioxide. 

Potassium carbonate^ like sodium carbonate, does 
not give off carbon dioxide on heating, but potassium 
btcarbonate, like sodium bicarbonate, decomposes on 
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heating, giving off carbon dioxide and leaving the 
normal carbonate. 

Potassium nitrate (saltpetre), KNOg, is made 
from sodium nitrate by treatment with a hot concen- 
trated solution of potassium chloride: 

NaNOg + KCl ^ KNOg + NaCl. 

The above reaction is reversible, but with the con- 
centration used, the sparingly soluble sodium chloride 
crystallines out, and the reaction proceeds from left to 
right in the equation. A solution of potassium nitrate 
results, from which the nitrate is crystallized on cooling. 

Potassium nitrate forms white ' crystals similar to 
sodium nitrate, but, unlike the sodium salt, it is »jiot de- 
liquescent. It can therefore be used in the manufacture 
of gunpowder, since it keeps dry. 

Like sodium nitrate, and unlike other ni^ates, potas- 
sium nitrate decomposes into the nitrite ^aii^ oxygen on 
heating: * 

2 KN 03 = 2 KN 0 a + 0g.^ 

Potassium chlorate, KClOg 

It will be remembered that when chlorine is passed 
into a hot concentrated solution of sodium hydroxide, 
sodium chlorate is formed (p. 159). (Chlorine and the cold 
dilute hydroxide give the hypochlorite.) A similar ren 
action occurs with hot concentrated potassium hydroxide, 
potassium chlorate being formed. Potassium chlorate 
is made on the large scale by this method, which is 
performed as follows. 

A hot concentrated solution of potassium chloride is 
subjected to electrolysis: 

2KC1 = 2K + Clg. 

The potassium formed immediately reacts with the 
water, forming potassium hydroxide: 

2K + 2 H 2 O = 2KOH + H^. 


(P983) 
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The chlorine formed reacts with the hot concentrated po- 
tassium hydroxide solution, forming potassium chlorate; 

6 KOH + 3Clsj = 5KC1 + KCIO 3 + mfi. 

Potassium chlorate is used in the manufacture of 
matches, and for the laboratory preparation of oxygen. 


QUESTIONS 

1. Describe the preparation of sodium. 

2. What are the principal properties of sodium? 

3. Hoyr/is sodium hydroxide prepared on the large scale ^ 

4. What are the chief properties and uses of sodium 
hydroxide ? 

5. Describe the Solvay process for the manufacture of 
sodium carbonat^. TJiis process is said to be an ideal example 
of chemical econbmy. How is this statement justified? 

6. Give reasons for classing sodium and potassium together 
as members of the same “ chemical family 

7. Given two white crystalline substances said to be sodium 
and potassium chlorides, what tests would you apply (a) to 
show that they were chlorides, (6) to find out which was 
sodium chloride and which potassium chloride^ 

8. How is potassium chlorate prepared on the large scp.le? 
What are its principal uses? 

9. How much sodium chloride is necessary to produce half 
a ton of sodium hydroxide by the Castner Kellner process? 
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^ Occurrence 

Calcium not found in the free state in nature, but 
it occurs very abundantly in the earth’s crust, chiefly 
as calcium carbonate, CaCOs, which is found in the 
forms of limestone, chalk, marble, caldte^ Icjpland spar, 
sea shells, coral, pearls, etc. Dolomite contaiiis ^calcium 
carbonate and magnesium carbonate. 

Other calcium compounds found in nature are 
calcium sulphate, which occurs as gypsum and 
alabaster, CaS04*2H20, and anhydrites^ QaSO^; cal- 
cium phosphate; and calcium fluoride (fluorspar). 

Industrial preparation 

Calcium is prepared on the large scale by the electro- 
lysis of fused calcium chloride. Calcium chloride, it 
wilj be remembered, is obtained in the Solvay process 
for the manufacture of soda. It is contained in a graphite 
vessel which acts as the anode. An iron rod serves as 
the cathode, dipping into the fused calcium chloride 
(fig. 74 ). On electrolysis the calcium chloride decom- 
poses into its elements, calcium being deposited at the 
cathode and chlorine evolved at the anode ; ' 

CaCl2 = Ca Cl2» 

As electrolysis proceeds, the iron cathode is raised arid 
the deposited calcium forms a roughly cylindrical stick 
attached to the iron rod. 


t4t 
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^ Properties 

Calcium is a hard metal with a silvery lustre. It pos- 
sesses typical metallic properties, except that its specific 
gravity is low for a metal, being 1*6. 

A freshly filed surface quickly loses its lustre, becoming 
covered with a film of calcium oxide: 

2Ca + O 2 - 2CaO. 
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Fig. 74. — Preparation ot Calcium 

The oxide in turn gradually changes to the hydroxide 
owing to the action of moisture in the air: 

CaO + H 2 O = Ca(OH) 2 . 

The above reactions are similar to those observed in 
the cases of potassium and sodium, but with calcium 
they are much slower, and sticks of calcium are usually 
^kept in airtight bottles or tins, it being unnecessary to 
^haVe the metal covered with petroleum. 

When placed in water, the calcium sinks and bubbles 
of hydrogen are evolved. I'he action is less violent than 



PROPERTIES OF CALCIUM 


245 


the similar actions with potassium and sodium. The 
calcium hydroxide formed partly dissolves in the water, 
which is found to be alkaline, and a white deposit of 
excess calcium hydroxide is seen at the bottom of the 
vessel. 

Ca + 2H,0 = Ca(OIl )2 + llj. 

Flame test ^ 

Calcium and calcium compounds impart -a brick-red 
coloration to*a Bunsen flame. The test is cajrjed out in'' 
the same way as that for potassium and sodium. 

O^ium oxide, quicklime, CaO ^ 

Calcium oxide is always prepared by heating the car- 
bonate in a lime-kiln: v ^ 



Fig. 76, — Manufacture of Lime 

The kiln is filled with a mixture of crushed limestone 
and coke or coal, and is lit at the bottom (fig. 76). The 
lime formed is removed at the bottom and a fresh charge 
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introduced at the top ; this goes on indefinitely, Tlie ash 
from the coal or coke is, of course, mixed with the lime, 
but this is of no great consequence as it does not affect 
the mortar or plaster, the making of which constitutes 
the chief use of lime. When the lime is required pure, 
the lirpeetone i/| packed in large lumps in a kiln and is 
pleated by* burning producer gas, which enters the kiln 
a|^e bottom, the products of combustion leaving at the 
top with the carbon dioxide from the limestone. Heating 
•continues for two or three days, and thep the kiln is 
emptied. * Jptrne of a high degree of purity results, but 
the process" fs considerably more costly than the other. 

Calciiit^03ddg ia at tpsic oxide, combining with acids 
to forijpjppBR; , It does riot melt even when very strongly 
heatec}'g^^ecomes white hot, giving out a bright light 
knov/nm^^ielighL Its most important property is its 
reaction vmi water, with which it combines to form 
calcium ^ It ia used as a drying agent, owing 

to its str^nP^nity for water, and in the laboratory it is 
kept in airtight tins. u < 


Cr^cium hydroxide, slaked lime, Ca(OH)2 

When water is added to a lump of quicklime, great 
heat is given out, and the quick-lime cracks, swells, and 
crumbles to a dry white powder. This is calcium hy- 
droxide, slaked lime: 

CaO + HaO = Ca(OH) 2 . 


Calcium hydroxide is moderately soluble in water, and 
a saturated solution is called lime water. This solution 
is used in the laboratory, in testing for carbon dioxide, 
as described on p. 213. 

water is an alkali, turning red litmus blue, and 
p|HM&ing acids to form salts. 

lime is a white solid which decomposes when 
heated, giving quicklime: 

Ca(OH)a - CaO Hfi. 
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Its chief use is in making mortar. Slaked lime is mixed 
into a paste with water and sand, and is used in building. 
On evaporation and absorpyon of water into the bricks, 
an intimate mixture of lime and sand is left. The lime 
is slowly converted into the carbonate by the action of 
atmospheric carbon dioxide, and this for^s a Ij^rd crust 
on the outer surface of the mortar: 

Ca(OH)2 + CO2 =- CaCOg HgO.- 

# 4 

Lime is ajso used in the manufacture (X bleaching^’’ 
powder, in softening temporarily hard watef»ahd on the 
land. Here its application serves to neUtr^Hdiifc acids in 
the soil formed by the decay ojf-Aniinal artd*^getable 
matter. These make the spil ‘^sour ** a^Sf^jlP^lj^nt the 
nitrifying bacteria from doin^ their work. In s^s where 
there is no chalk, periodic application of linByjWiaential 
for the production of good crops. Lime nelps to 
break down heavy clay soils aiic^ ma^^^ work- 


'Portland cement 


Portland cement is made by strongly heating a mixture 
o£ clay and limestone or chalk. The mixture is fed into 
the top of a revolving cylindrical furnace sloping slightly 
downwards. Up the tube is blown a blast of coal dust 
and air whicli burns with a hot flame. The resulting 
“ cement clinker consisting chiefly of calcium sili- 
cates and aluminates, is ground into a powder. When 
mixed with water it slowly sets hard, the reaction being 
very complex. It is generally mixed with sand and gravel 
or rubble, the resulting mixture being conctete. 


fCialcium chloride, CaCl2 

Calcium chloride, CaClg, can be made by neut 
hydrochloric acid with calcium oxide, hydro^ 
carbonate. It is produced in large quantities-^l 
manufacture of soda by the Solvay process. 

Calcium chloride forms colourless crystals of jjie 
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hexahydrate, CaClg’OHgO, which on moderate heating 
lose water to form the dihydrate, CaCl2*2H20. With 
’Strong heating, the familial; porous lumps of anhydrous 
calcium chloride are formed. 

The anhydrous salt is used in the laboratory as a 
drying agent, . being strongly deliquescent. It cannot, 
however, 'be used for drying ammonia, as it combines 
^th this gas, forming an unstable compound, CaClg-SNHg. 

Calcium 4 chloride solution is used instead of brine in 
some refrigerators, since it has a low free:j.ing-point and 
can be circulated as a liquid when very cold. 

^alcium sulphate, CaS04 

This occurs as gypsum, which is the dihydrate, 
CaS04-2H20. Alabaster is a translucent mass of 
gypsum crystals. 

Calcium sulphate is very slightly soluble in water, 
and is one of the chief causes of “ permanent ” hardness 
in water. 

When gypsum is heated to between 120° C. and 
130° C., it loses three-quarters of its water of hydration, 
forming the hemihydrate, (CaS04)2*H20. This is known 
as plaster of Paris. When plaster of Paris is mixed 
with water, it rapidly absorbs it, foiniiug the dihydrate, 
gypsum : 

(CaS 04)2 HgO + 3II2O -- 2 CaS 04 - 2 H 20 . 

Plaster of Paris is mainly used for supporting broken 
limbs after they have been set. It is also used for making 
moulds, as when it combines with water to form gypsum 
it increases slightly in volume, and so makes a sharp cast. 

Precipitated gypsum, made by adding sulphuric acid 
to calcium chloride solution, is used in glazing paper, 
and for making blackboard “ chalk 

>C!alcium carbonate, CaCOg 1 .Ci ^ 

Quite a lot has been said about calcium carbonate 
elsewhere, so we shall merely summarize. 
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It occurs as limestone, chalk, etc. 

When strongly heated it decomposes, forming calcium 
oxide and carbon dioxide. 

On adding dilute hydrocftloric acid, carbon dioxide is 
evolved* and this is the usual method for preparing the 

On adding dilute sulphuric acid, c?n*bon.41ioxide is 
evolved, but the action soon slops, as a coating of cal- 
cium sulphate prevents acid coming into coiijtact with <he 
calciunfi carbonate. 

On bubbling carbon dioxide thro^ugh a suspension of 
calcium carbonate in water (second lime water 

test for carbon dioxide), the solution clears*^1l!hWsi^g to the 
formation of calcium bicarbonate. 

Hardness in water 

Hardness in water is the inability to make a lather 
easily with soap. Hard water feels rough to the touch. 
The hardness is due to the presence of calcium salts (and 
to a lesser degree magnesium salts) in solution in the 
water. There arc two types of hardness, temporary hard- 
ness, removed by boiling the water, and permanent hard- 
ness, remaining after the water has been boiled. 

X Tfemporary hardness is due to calcium bicarbonate 
present in the water. Rain-water absorbs carbon dioxide 
from the air as it falls. More carbon dioxide is absorbed 
as it passes through the soil. When this water containing 
carbon dioxide in solution passes over chalk or limestone, 
the bicarbonate is formed, just as carbon dioxide bubbled 
through a suspension of calcium carbonate in water forms 
the bicarbonate : 

CaCOa + H2O ^ CO2 = Ca(HC03)2. 

In time large caves are formed in limestone districts 
through this action. 

As we have said, temporarily hard water is that water 
which is softened by boiling. This is due to the decom- 
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position of the calcium bicarbonate, the carbonate being 
precipitated ; 

ra(HC 03)2 = CaCOa + H^O + CO^. 

(It is to be noted that the water is soft because the 
calcium salt is no longer in solution; its presence as 
precipitated solid (CaCOj) does not cause hardness. 

^ The calcium salts react with soap only when they are in 
solution.) 

This precipitated calcium carbonate formed when 
temporarily hard water is boiled is a nuisance, for it 
adheres firmli^^to" the insides of kettles, boilers, and hot- 
water pif>c^"""^The ‘‘fur**, as it is called, causes great 
wastage of fuel, for each time a kettle or boiler has to 
be heated a great amount of heat has to be used up in 
heating up the fur. Badly furred hot-water pipes greatly 
hinder the circulation of hot water through the radiators. 
In districts where the water is temporarily hard it is 
essential to have the household boilers “ scaled *’ regu- 
larly, ot: to soften the water. 

X^^jei^manent hardness is due to a straightforward 
solution of a calcium salt (or, in some places, a magnesium 
salt) in the water. The chief offender is gypsum, CaS 04 , 
which is slightly soluble in water^ and ocrasionally Epsom 
salt, MgS 04 . Boiling will not soften this water, for the 
salts will still be in solution at the boiling-point; but in 
a boiler where water is boiled (as distinct from a house- 
hold “ boiler ** where water is not boiled), as w^ater is 
turned into steam a de'posit of calcium sulphate forms a 
“ scale *’ on the walk 

Water may have both temporary and permanent hard- 
ness, and this is often the case. 7’he boiler scale then 
consists of a mixture of calcium carbonate and calcium 
sulphate, 

'Comparison^ of hardness of samples of water 

Some very hard water can be made by bubbling carbon 
dioxide through lime water until the cloudiness has 
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disappeared. The water now contains calcium bicar- 
bonate, so the hardness is temporary. Some perma- 
nently hard water can be njade by shaking up gypsum 


with water and filtering. 

We can compare the hardness of 
the two samples of water prepared 
as above, and also of tap water and 
distilled water. 

First it is necessary to make a 
suitable soap, solution. This can be 
done by dissolving about 6 gm. of 
pure Castile soap, or good soap flakes, 
in 100 c.c. of methylated spirit and 
warming over a water bath to hasten 
solution. 

The soap solution is placed in a 
burette, and 25 c.c. of the w^ater to 
be tested is introduced into a soap 
shaker or conical fLsk, using a pipette 
(fig. 76). Soap solution is added from 
the burette, a little at a time, shaking 
after each addition, until a “ per- 
manent ” lather, that is, one which 
lasts for two minutes, is obtained. 

The hardnesses of the different 
samples of water are proportional to 
the \olumes of soap solution neces- 
sary to produce a permanent lather 
in each case. 



Fig. 76. — Compan 
son of Hardness of 
Samples of Water 


The temporarily hard water may be boiled, and its 
hardness compared with the hardrtfess bdfore boiling. 
Hard water softened by any of the methods described 
below may be compared with the unsoftened sample. 


of 


softening hard water 


Temporary hardness can be removed by boiling or by 
adding lime, or by the same methods as are used for 
softening peimanently hard water. 
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(i) By boiling. — This is impracticable on a large 
scale. 

.^ii) By adding lime. — This is known as Clark's pro- 
cess ^ and is carried out at the w^aterworks. The calcium 
hydroxide reacts with the calcium bicarbonate and 
forms the insoluble carbonate. This, being out of 
solution, cannot make the water hard: 

Ca(OH)2 f Ca(HC 03)2 - 2 CaC 03 + 2K,0. 

A little less than the calculated quantity of lime is 
added; if excess of lime were added, that would dissolve, 
making tl^e water hard again. 

Both temporary and permanent hardness may be re- 
moved by the following methods: 

^ (i) By adding soap. — Soap consists of sodium 
salts of certain organic acids, and wc may take as example 
sodium stearate. We shall not bother about its formula, 
but call it NaSt, where St stands for stearate, the acid 
radical of the salt. I'he soap reacts with any calcium (or 
magnesium) salts in solution, forming the insoluble 
calcium stearate (or magnesium stearate): 

e.g. CaS04 + 2NaSt = Na2S04 + CaStj, 
and Ca(HC03)2 + 2NaSt = 2NaHC03 + CaStg. 

The precipitate of calcium stearate may be observed 
as a white scum (or perhaps it is not always white!) on 
the surface of the water, and sticking to the sides of the 
wash basin or bath. Once all the calcium in solution has 
been precipitated as calcium stearate, and not until then, 
can the soap get on with its job of producing a lather. 

Softening by soap is an expensive business, and laun- 
dries and households soften their water by other pro- 
c^ses and save soap. 

/ (ii) By adding washing soda. — Washing soda, 
sodium carbonate, precipitates the calcium as calcium 
carbonate: 
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e.g, CaS04 + Na2C03 -= Nn2S04 + CaCOs, 
and Ca(HC03)2 4 NagCOs - 2NaHC03 + CaCOa- 

Care must be taken, however, in the use of soda, as 
it is harmful to the skin. Excess, therefore, should not 
be used. 

(iii) The Permutit process. — “ Permutit ” is tl\e 
name given to certain salts akin to natural minerals called 
zeolites. They may be considered to be ccynpounds of 
the type o^ sodium aluminium silicate^ NagAlgSigOg, 
together with water of hydration* We can write this as 
NagP. (The line over the top of the P wi^l remind you 
that it stands for “ permutite and not -phosphorus.) 

The hard water passes through a cylinder packed with 
crystals of sodium permutite, and the calcium salts in 
the water are precipitated as calcium permutite: 

e.g. CaS04 f NagP = Na2S04 + CaP, 

and Ca(HC03)2 + Na^P = 2NaHC03 + CaP. 

Thus the crystals of sodium pennutite are gradually 
changed on their surface to calcium permutite. 

.Obviously there is a limit to the softening capacity of 
such an apparatus, and when it no longer softens the 
w^ter, the calcium permutite can be changed back to 
sodium permutite by slowly running strong brine through 
the apparatus: 

CaP + 2NaCl = NagP + CaClg. 

The very soluble calcium chloride is run to waste, 
and the softener is ready for use again. 

^alactites and stalagmites 

Stalactites are “ icicles of calcium carbonate that 
hang down from the roofs of limestone caves, and stalag- 
mites are the pillars that grow up from the floor of the 
caves and eventually meet the stalactites. They are 
caused in the following way: water containing calcium 
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bicarbonate in solution slowly drips from the roof of a 
cave, and in doing so a very little evaporates, some 
of the bicarbonate decomposes, and a very little calcium 
carbonate is precipitated. Similarly, as the drop is falling 
through the air, a little more evaporation of Abater and 
consequent decomposition of the bicarbonate occur, and 
so more calcium, carbonate is precipitated. Thus a column 
6f precipitated calcium carbonate grow^s down from the 
point where the drops leave the roof, and another column 
grows up ffbm where they land. 

The rate of growth of stalactites and stalagmites varies 
considerably ,tbut it i|^always very slow. 

Stalactites tan sometimes be seen hanging down from 
arth’es under' old brick bridges. Rain-water percolates 
through, and this, containing carbon dioxide, dissolves 
a little of the calcium carbonate formed by decompo- 
sition of mortar. The resulting calcium bicarbonate 
solution gives rise to stalactites in the same way as pre- 
viously described. 


QUESTIONS 

1. How is calcium prepared on the large scale? 

2. Describe the principal properties of calcium. 

3. How are quicklime and slaked lime prepared? Wliat 
are their chief uses? 

4. What is gypsum? ' What happens when {a) gypsum is 
heated moderately, (6)^Water is added to the product? 

6. What is meant, fay '' hardness " in water? Explain how 
natural water may e^ibit temporary or permanent hardness. 

6. How would yOitv compare two samples of water to ascer- 
tain their relative hardness? 

7. Describe three good methods by which hard water may 
be softened. 

8. What are stalactites and stalagmites? Explain how they 
are formed. 

9. What weight of calcium carbonate will be precipitated 
by the addition of two ounces of washing soda crystals to 
hard water? 
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Occurrence 

Iron 'does not occur to any great extent *in the free 
state in the earth’s crust, although meteorites consist 
largely of metallic iron. 

In combination, iron occurs as haematite, which is 
an impure form of ferric oxide, FcgOg, and is the prin- 
cipal ore of iron. Other important ores of iron are 
magnetite, ferroso-ferric oxide, Fe 304 , and spathic 
iron ore, ferrous carbonate, FeC 03 . Iron pyrites, 
FeSg, the brassy-looking matter often seen in coal, 
occurs abundantly, but is not used as an ore of iron. 
Iron pyrites is, however, used as a source of sulphur 
in the manufacture of sulphuric acid, and the ferric 
oxide left after the roasting of the pyrites is used as a 
source of iron. ■ 

Extraction of iron 

The ore is first roasted in air, when ferric oxide, 
FcgOg, is formed, whether the ore is haematite, magnetite, 
or spathic iron ore. \ 

The impure ferric oxide is mixed* vvith coke and lime- 
stone and introduced into the top of, a blast furnace. 
The blast furnace is a tall kiln about 100 feet high, made 
of iron, with a firebrick lining. Hot air is blown in at the 
bottom through tubes called tuyires (fig. 77). 

We will leave the action of the limestone until we 
have seen how the iron is obtained. This is as follows: 

The hot air, entering from the tuyeres, causes the 
coke to burn: 

C + Og - COg. 

265 
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This carbon dioxide is reduced to carbon monoxide as 
it passes up through the white-hot coke : 

CO2 + C,= 2 CO. 


FERRIC OXIDE 



Fig. 77, — Diagram of Blast Furnace 


The carbon monoxide so formed reduces the ferric 
oxide to iron: 

Fe203 + 3 CO = 3CO2 + 2 Fe. 

The iron melts and runs down to the well at the 
bottom of the furnace, and the liquid iron is tapped 
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off at intervals and is run into moulds, where it solidi- 
fies as pig iron. 

Some of the hot gases evolved at the top of the blast 
furnace are mixed with air and burnt and used for 
heating the air for the blast. 

Formation of the slag 

Limestone is introduced into the lop of the furnace 
with the ore and coke to get rid of the earth]{^matter*and 
silica in the ore, which would otherwise accumulate in 
the furnace. *As it is, they are renpK^ed as a fusible slag, 
and the process continues for year^," the mixture being 
introduced at the top of the blast furnace and slag and 
molten it^on being run off from the bottom. The action of 
the limestone is as follows. 

The limestone decomposes at the top of the furnace, 
forming quicklime: 

CaCOa = CaO + COg. 

The quicklime combines with silica present, forming 
calcium silicate, which is fusible at that temperature: 

CaO -f SiOg = CaSiOa. 

. (calcium silicate) 

Other earthy impurities mix with this and the molten 
slag runs down to the well and lies on top of the molten 
iron, and is continually run off. Slag used to be ‘piled 
up into great hills (slag heaps), but uses are 
found for it, principally in road-making. 

Cast iron 

The pig iron obtained from the blast furnace is cast 
iron. It contains quite a lot of carbon — as much as 
per cent — and some silicon, phosphorus, and sul- 
phur. These impurities render the iron unsuitable for 
most purposes where strength is needed, for they cause 
the iron to be very brittle. It makes good castings, how- 
ever, as it increases slightly in volume on solidifying and 
(F088) is 
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fills up all the crannies and makes a “ sharp cast It 
cannot be welded. 

Cast iron has a melting-point considerably below that 
of pure iron. • 

Wrought iron 

This is the purest form of iron, and is made from pig 
iron by oxidizing the impurities in a process known as 
puddling. ♦ 

The oxidizing agent used is ferric oxide, just sufficient 
of which is added to t^ie molten pig iron in a furnace. 
The harmful impurities, phosphorus and sulphur, and 
also the carbon, form gaseous oxidation products, and 
so are removed. The resulting wrought iron is 99 per 
cent pure iron. 

Wrought iron is malleable and can be welded. It is 
used by blacksmiths for horse-shoes and ornamental 
ironwork, and for making cores of electromagnets. It 
cannot be tempered, and is too soft for making machinery 
parts. 

Steel 

Steel consists of iron Which contains a small amount of 
carbon (from 0-3 to 1*5 per cent). Other substances are 
also added, according tq the purpose for which the steel 
}4jJ'beihg made. The carbon in steel is in the form of iron 
caiA^ide, FcgC. 

Steel is mostly made by the Siemens-Martin process. 
Pig iron, together with scrap iron ajid ferric oxide, are 
melted in an open hearth lined with a mixture of calcium 
and magnesium carbonates in the basic process. (In the 
acidic process, sometimes used, the hearth lining is 
made of siliceous materials.) The furnace is heated by 
burning previously heated producer gas. I'he carbonates 
in the hearth lining decompose to form calcium and 
magnesium oxides. These oxides, being basic, combine 
with the acidic oxides formed by the oxidation of the 
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phosphorus and sulphur, forming calcium and mag- 
nesium phosphates and sulphates. Sufficient ferric oxide 
is added to remove the phosphorus and sulphur and some 
of the carbon, which escapes as carbon monoxide; the 
amount *of carbon left is carefully regulated, and is 
determined by the type of steel required. Metals may 
be added, to form the various alloy steels. 

The slag resulting from the open-hearth process, 
containing phosphates, is a valuable fertil^er, and is 
known as basic slag. 

Properties of steel 

The most important property of steel is that it can 
be tempered. If it is heated strongly and suddenly 
cooled, it becomes hard and brittle, and if subsequently 
heated carefully, its hardness diminishes and it be- 
comes tougher. So, by carefully reheating quenched 
steel to a particular temperature, a particular degree of 
hardness and tc.ughness can be obtained. The great 
ability of Sheffield steel temperers is due to years of 
experience. 

Alloy steels 

These have of recent years become increasingly 
imnortant. 

Manganese steel contains about 12 per cent of 
manganese, and is very taugK and wear-resistii^/^ 
Hence it is used for bends and points in railway lihitffe, 
for the tyres of railway engines and coaches, and for 
safes, etc. 

Nickel -chromium steel, containing about 3 per 
cent of nickel, 1 per cent of chromium, and 0*3 per cent 
of carbon, has a very high tensile strength, and so is used 
for making cables, propeller shafts, and various other 
machine parts. 

Stainless steel contains 12 to 16 per cent of chro- 
mium, together with a little nickel and 0*3 per cent of 
carbon. 
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Many other metals are added to steel in various 
proportions; for example, tungsten, cobalt, vanadium, 
and molybdenum. The non-metal silicon is also used. 
The result is that steels to^uit all purposes can be 
made. 

Properties of iron 

Pure iron is a fairly soft malleable metal with a bright 
lustre on freshly polished surfaces. It melts at 1625° C,, 
and has a specific gravity of 7*9. It is magnetic. 

One of the most interesting (and one of the most 
annoying) properties of iron is that it readily rusts in 
the presence of air and moisture. Rust is mainly hydrated 
ferric oxide, FegOg-JcHgO, but the exact nature of rust- 
ing is not definitely understood. 

Iron will not rust in dry air, nor will it rust in water 
from which all dissolved air has been expelled. Hence 
both air and water are necessary for rusting. 

Iron may be protected from rusting by covering it 
with some substance which is resistant to atmospheric 
conditions. A smear of petroleum jelly or a coating of 
black lead (graphite) is often used. Paint protects iron 
well, but if the paint becomes scratched, the iron rusts. 
The rusting spreads and forces off the paint. 

A Qommon method of protecting iron from rusting 
the process of tinning. Tin plate from which 

tin ** cans are m.ade is sheet iron which has been 
dipped into molten tin. The tin is not affected by mois- 
ture and air, and so remains bright. When the coating 
of tin becomes worn or scratched, however, the rusting 
of the iron proceeds, even being accelerated by the 
presence of the tin. 

^ Galvanized iron consists of iron sheets dipped in 
Fmolten zinc. This is extremely useful and lasts a long 
time except in industrial towns. Here the zinc is affected 
by acids in the atmosphere, and the galvanized iron has 
a relatively short life. 
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Compounds of iron 

Iron exhibits two valenoies. It may be bivalent or 
tervalent, and so it gives rise to two series of salts. Com- 
pounds in which the iron is bivalent are called ferrous 
compounds; those in which it is tervalent are called 
ferric compounds. As ferric compountls contain 
more of the electronegative element or radical, ferrousj 
compounds are said to be oxidized to ferric, and ferric 
compounds <*educed to ferrous compounds. 

Soluble ferrous compounds give green solutions, while 
soluble ferric compounds give yellow or brown solutions. 

Ferrous and ferric compounds may be distinguished 
by precipitating the hydroxides by the addition of potas- 
sium, sodium, or ammonium hydroxide: 


FeSO^ + 2NH4OH = (NHJgSO^ -f Fe(OH)2. 

(ferrous (ferrous hydroxide, 

sulphate) green precipitate) 

FeClg + 3NH4OH == 3NH4CI + Fe(OH)3. 

(ferric (ferric hydroxide, 

chloride) brown precipitate) 


A very delicate test for a ferric salt is the addition of 
potassium thiocyanate solution. A blood-red coloration 
of ferric thiocyanate is observed in the case of ferric salts : 


FeCla + 3KCNS = Fe(CNS)8 + 3KC1. 

(potassium (feitic 

thiocyanate) thiocyanate) 




Ferrous salts show no change of colour with potas- 
sium thiocyanate. If they are, as is often the case, 
oxidized to some small extent to ferric Salts, a slight 
reddish coloration will indicate the fact. 

Another interesting distinguishing test is afforded by. 
the addition of solutions of potassium ferricyanide andi 
potassium ferrocyanide respectively to ferrous and ' 
ferric salts. 

Ferrous salts and potassium ferricyanide give a dark 
blue precipitate of TurnbulFs blue. 
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Ferric salts and potassium ferrocyanide give a dark 
blue nrecipitate known as Prussian blue. You are 
doubSss acquainted with Prussian blue, which is used 
as a pigment. 

Ferrous oxide, FeO, can be made by passing 
hydrogen over ferric oxide : 

^^2^3 ~t“ H2 “ H2O -|- 2 FeO. 

It reacts with acids, forming ferrous salts and water. 

Ferrous hydroxide, Fe(OH)2, is obtained as a 
green precipitate when potassium, sodium, or am- 
monium hydroxide is added to a solution of a ferrous 
salt. 

Ferrous sulphate, green vitriol, FCSO4, is the 
most important ferrous salt. It is formed when iron is 
dissolved in dilute sulphuric acid: 

Fe -j- H2SO4 — FeS04 ^2. 

Anhydrous ferrous sulphate is a white powder, but the 
salt is generally met with in the form of green crystals, 
which consists of the heptahydrale, FeS04*7Il20. It 
was called ‘‘ green vitriol ” because ©f its likeness to 
green glass. 

Ferrous sulphate solution slowly oxidizes in the air, 
thg solution turning brown. 

^ ‘‘When ferrous sulphate is strongly heated, it decom- 
poses, forming sulphur dioxide and sulphur trioxide, 
and leaving a red powder of ferric oxide: 

2FeS04 -= FegOg + SOg + SO3. 

If the crystals are heated and the gases condensed, 
the water of hydration driven off dissolves the oxides of 
, sulphur. In this way sulphuric acid was originally pre- 
pared, and so was called oil of vitriol. 

Ferrous sulphate is used in making ink. In the labora- 
tory, as we have seen, it is used in the brown ring test 
for nitrates (p. 144 ). 
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Ferrous chloride, FeClg, may be made by dissolv- 
ing iron in dilute hydrochloric acid: 

Fe + 2HC1 =1^ FeClg + Hg. 

• 

It forms green crystals of the tetrahydrate, FcCl2-4H20. 

Ferrous sulphide, FeS, may be prepared by heat- 
ing a mixture of iron and sulphur in the correct pro^ 
portions by weight. The atomic weights of iron an(P 
sulphuf are 56 and 32 respectively, and so we may mix,^ 
say, 14 gm. *)f iron filings with 8 gm. of flowers of sul- 
phur. Considerable heat is evolved and a black mass 
of ferrous sulphide results. The pure substance, free 
from iron, is a yellowish crystalline mass. 

Ferrous sulphide is used in the preparation of hydrogen 
sulphide, which is given off when it dissolves in dilute 
acids : 

FCS + H2SO4 --FeSO^ hH2S. 

Ferric oxide, FcgOg 

Ferric oxide occurs as haematite. It may be prepared 
in the pure state as a red powder by heating ferrous sul- 
phate, as previously described, or by heating ferric 
hydroxide : 

2Fe(OH)3 - FeaOg + 3 H 2 O. 

With dilute acids it gives ferric salts and water. 

Pure ferric oxide is used as a polishing powder (jewel- 
ler’s rouge) and for making red paint. 

Haematite is used in the production of iron. 

Ferric hydroxide, Fe(OH) 3 , is obtained as a red- 
dish-brown gelatinous precipitate when potassium, 
sodium, or ammonium hydroxide solution is added tq. 
a solution of a ferric salt. 

Ferric chloride, FeClg, can be obtained by passing 
chlorine over heated iron. It is a blackish solid, and 
crystallizes from water as the yellow hexahydrate, 
FeClg-GHgO. 
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Ferroso -ferric oxide, Fe 304 

This oxide, occurring naturally as magnetite, can be 
regarded as a compound of ferrous and ferric oxjdes, i.e. 
FeO-FcgOs. It is a black powder, and is formed when 
iron is burnt in air or oxygen. It can be seen as scales 
- on the floor of a blacksmith’s shop: 

3Fe + 2O2 = Fe304. 

It is also formed when steam is passed •over red-hot 
iron: 

3Fe -}- 4H2O — Fe304 -j- 4I‘l2* 

Its nature as a compound of ferrous and ferric oxides 
is shown in its reactions with acids, when it forms a 
mixture of ferrous and ferric salts : 

e.g. Fe304 + 4H2SO4 == FeS04 + Fe2(S04)3 + 4H2O. 

If we regard Fe304 as FeO'FcgOg, we get the two 
reactions : 

FeO + H2SO4 == FeS04 + H.O. 

Fe203 + 3H2SO4 = Fe2(S04)3 -f- 31 LO. 

These two equations added together give the one above, 
^^.jjjffiprroso-ferric oxide is magnetic; pieces of magnetite 
wfefe used in olden- times as primitive compasses, and 
were called loadsto^. 

Iron disulphide, FeS2, is important because it 
occurs naturally as iron pyrites, and is used in the 
manufacture of sulphuric acid. 
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QUESTIONS 

1 . Describe the extraction of iron from iron ore. 

2. What are the physical properties of pig iron and wrought 

iron? State their uses and disadvantages. , ^ 

3. What is steel? Explain how steel is made from pig iron. 

4. What properties of steel cause it to be sp important? 

6. What l^fippens when iron rusts? Describe briefly two 
methods in common use for protecting iron from rusting. 

6. What tests would you apply to ascertain whether a given 
iron salt is a ferrous or a ferric compound? 

7. How would you prepare a sample of pure ferric oxide? 

8. How is fcrroso-ferric oxide formed? What arc its cl\ief 
properties? 
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COPPER 

Occurrence 

• 

Copper, a metal low in the electrochemjical series, is 
found in the free state in some places, and is easily 
isolated from its compounds. Copper and bronze have 
for that reason been known from very early times. 

Large quantities of native copper are found near Lake 
Superior, but the chief source of the metal is copper 
pyrites, Cu^S'LcgSa, which is found in large quantities 
in the American continent, and in Australia and Europe 
Other important ores of copper are the green mineral 
malachite, CiiC03 Cu(0H)2, and azurite, (CuC03)2 
•Cu(OH) 2, which, as its name suggests, is blue. 

Extraction of copper 

Native copper is often extracted electrolytically, by 
erecting a wall around a boulder of impure metal and 
filling the space with acidified copper sulphate solution. 

sheet of copper placed in the solution serves as the 
while the copper boulder makes the anode of an 
electrolytic cell. On passing a current of electricity 
through this cell a deposit of pure copper is made at the 
cathode. There is no need in this process for further 
refinement. 

; The extraction of copper from copper pyrites, how- 
/ 6 ver, presents a more difficult problem, as iron sulphide 
“ is present in the ore as well as copper sulphide. IIow- 
ever, iron sulphide is more easily oxidized to oxide than 
is the copper sulphide, and after somewhat complicated 
preliminary processes, the purified mixture of sulphides 
is placed together with some silica in a steel “ converter ” 
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lined with magnesite, and air is blown through. The 
iron sulphide is oxidized to the oxide, and this combines 
with the silica to form a fysible slag of ferrous silicate, 
FeSiO^. 

The slag is run off and air is blown in again, when 
some of the cuprous sulphide is oxidized to cuprous 
oxide : 

2CU2S + 3O2 = 2CU2O + 2SO2. 

Ther cuprous oxide thus formed reacts *with the re- 
mainder of *the cuprous sulphide to form copper: 

2 CU 2 O + CuaS = SO 2 + 6Cu. 

I'he copper is poured off and is known as “ blister 
copper It contains some cuprous oxide, and is purified 
to some extent by stirring the molten metal with green 
wood (“ poling **), when the gases given off from the 
sap of the green wood reduce the cuprous oxide to 
copper. 

The copper so formed is refined electrolytically by 
using tlie copper as anodes in a cell with acidified copper 
sulphate as the electrolyte. The cathodes consist of strips 
ef pure copper covered with graphite. 

Gold and silver, present as impurities in the crude 
copper, remain in the anodes, and arc recovered. 

Properties 

Copper is a lustrous reddish metal which can take a 
high polish. It is malleable and ductile and is an ex- 
tremely good conductor of heat and electricity. The 
presence of impurities, however, considerably reduces 
its electrical conductivity, and so copper used for elec^- 
trical purposes must be refined. It has a specific gravity;* 
of 8*95, a melting-point of 1100® C., and it boils at 
2320° C. 

Copper is unaffected by dry air or pure water, but in 
the atmosphere it becomes covered with a green coating, 
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said to be a basic sulphate. Near the sea, the coating on 
exposed copper contains also a basic chloride. 

On heating in air copper, becomes slowly coated with 
the black cupric oxide, CuO. 

The metal is stable to water, steam, hydrochloric acid, 
and dilute sulphuric acid. 

On heating with concentrated sulphuric acid, sulphur 
dioxide is liberated: 

Cu -f 2H2SO4 = CUSO4 + 2H2O + SO2. 

c 

Other reactions also occur here, cuprous and cupric 
sulphides being formed, making the residue in the flask 
black. 

The action with dilute nitric acid depends on the 
concentration. With moderately dilute acid, nitric oxide 
is formed: 

3 Cu + 8HNO3 =^'3 Cu(N 03)2 + 4H2O -f 2 NO. 

With the concentr^ed acid, the main gaseous product 
is nitrogen peroxide: 

Cu + 4HNO3 = Cu(N03)2 + 2H2O + 2NO2. 

Uses of copper 

Pure copper is used as a conductor of electricity, being 
the best conductor next to silver, which would be too 
^fi^tosive. It is also used for steam pipes and boiler 
partSf as^iJteam h,as almost no action on it and it is a good 
conductOT^af hciat. It is also used foi ornamental work. 

Alloys of coppt^r are extremely useful, the chief ones 
being brass (copper and zinc) and bronze (copper and 
tin). “ Copper ” coins arc made of bronze, and “ silver ** 
coins contain, besides silver, copper, zinc, and nickel. 

Compounds of copper 

Copper exhibits two valencies and so forms two 
series of salts, cuprous compounds, where the copper 
is univalent, and cupric compounds, where it is 
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bivalent. Cuprous compounds are not very important 
for us at this stage. 

Cupric oxide, CuO, is generally referred to as 
copper oxide. It can be formed by strongly heating 
copper in air or oxygen. 

It is better prepared from copper, however, by first 
dissolving the metal in nitric acid and then healing the 
resulting copper nitrate; 

2 Cu(N 03)2 = 2CuO + 4NO2 + O2. 

It may also be prepared by heating copper hydroxide, 
as described below. 

Copper oxide is a black powder and is somewhat 
hygroscopic. It dissolves in acids, giving cupric salts. 

Cupric hydroxide, Cu(OH)2, is formed by the 
addition of sodium hydroxide solution to a solution 
of a cupric salt, and appears as a. pale blue gelatinous 
precipitate: ^ 1 ., 

CuSO* + 2 NaOH -- NaaSd4 + Cu(OH)2. 

If the suspension is boiled, the cupric hydroxide 
decomposes, forming a black solid, hydrated cupric 
oxide, of the composition (Cu0)4-H20. If this com- 
pound is heated co redness, cupric oxide, CuO, is formed. 

Cupric sulphide, CuS, is formed as a black precipi- 
tate when hydrogen sulphide is bubbled into a solutom 
of a cupric salt. This fact is used in detecting co^pCT 
m qualitative analysis: 

CuS()4 + HaS - CuS + HgSO^. 

Cupric sulphate, blue vitrioU* CUSO4, is the 
compound of copper with which you are doubtless best 
acquainted. It may be prepared in the laboratory by 
the action of dilute sulphuric acid and copper oxide. 
Excess of the insoluble oxide is used, and when the 
solution is no longer acid to litmus, it is filtered and the 
copper sulphate crystallized as blue parallelogram- 
shaped crystals. 
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Copper sulphate is prepared on the large scale by 
heating copper with dilute sulphuric acid and blowing 
air through the mixture: 

2 Cu + 2H2SO4 + 0/= 2CUSO4 + 2H2O, 

The familiar blue crystals consist of the penta- 
hydrate, CyS04-6H20, and these, on gentle heating, lose 
water to form the anhydrous salt, which is white. Anhy- 
drous copper sulphate readily combines with water to 
give the hycfrate, and so it is used as a test for water, 
small traces of which impart a blue colour to the white 
powder. The more expensive watertight boots are tested 
by dusting them internally with the white anhydrous 
powder, standing them in water, and rejecting any that 
show formation of the blue hydrate. 

Copper sulphate is poisonous, and is used by horti- 
culturists to destroy moulds and fungi. Louis Pasteur 
advocated its use fojf curing grape disease, and it is still 
used for this purpose, generally as Bordeaux mixture. 
Bordeaux mixture is made by mixing copper sulphate 
and lime, when basic copper sulphate is formed. In 
this country it is used as a spray for potatoes. An alter- 
native spray, and an easier one for home preparation, Ls 
basic copper carbonate, made by mixing copper sulphate 
solution with washing soda solution. This is known 
Bwmndy mixture. 

^iQapric chloride, CuClg, can be prepared as green 
crystals of the dihydrate, CuCl2*2H20, by dissolving 
cupric oxilde itr dilute hydrochloric acid. It is also 
formed when chlorine is passed over gently heated copper. 
The anhydrous salt, a brownish-yellow substance, can 
be made by gently heating the dihydrate, or by heating 
it in a stream of hydrogen chloride. 

On heating, cupric chloride decomposes, forming 
cuprous chloride, and giving off chlorine: 

2CUCI2 =- 2 CuCl + Clj. 

Cupric nitrate, Cu(N03)2, is obtained as deep blue 
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crystals of the trihydrate, Cu(N 03 ) 2 * 3 Hof), by dissolving 
the metal or oxide in dilute nitric acid and evaporating. 
On heating it decomposes^ forming cupric oxide : 

. 2 Cu(N 03)2 ~ 2CuO + 4 NO 2 + O 2 . 

Tests for copper salts 

Solutions of copper salts give a black precipitate when 
hydrogen sulphide is passed through them. 

Ammonia added to solutions of copper salts produces 
a deep blue Coloration. This is a very delicate test. 

Copper compounds impart a green coloration to a 
Bunsen flame. The chloride, however, colours the flame 
greenish-blue. 


QUESTIONS 

1. How is pure copper obtained from native boulder copper? 

2. Describe the extraction and purification of copper trom 
copper pyrites. 

3. What are the chief physical and chemical properties of 
copper? 

4. How would you prepare (a) cupric hydroxide, (h) cupric 
oxi^e, (c) cupric sulphate crystals, starting trom copper? 

5. What are the principal properties and uses of cm|pe 
sulphate? 

6. Certain blue crystals are said to consist of copper nitrate 
What tests would you apply to verify that the Sj^stance is 
(a) a copper salt, (b) a nitrate? 

7. What weight of cupric oxide is necessaiy to prepare 
10 gm. of cupric sulphate crystals? 
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MAGNESIUM: ZINC 
MAGNESIUM 

Occurrence 

Magnesium, occurring high in the electrochemical 
series, is a very reactive metal and does not occur native. 
In combination, however, it is very abundant, dolomite, 
CaC 03 -MgC 03 , forming vast mountain ranges. Many 
other minerals containing magnesium are known, the 
metal occurring chiefly in the form of carbonate, sul- 
phate, or chloride., ji]p^som salt is magnesium sulphate, 
MgSO^'THgO, and'oecur^ in the water at certain spas. 

Extraction of magnesium 

The preparation of magnesium by reduction of its 
oxide with sodium is no longer used. It is now extracted 
by electrolysis of fused anhydrous magnesium chloride, 
MgClg, mixed with another compound to lower its melt- 
ing-point. The electrolysis is performed in an iron pot, 
4}(%ed by a furnace. The pot itself forms the cathode. 
The anode is graphite. An inert gas (not nitrogen, 
othcrwisd^jCC^gnesium nitride, MggNg, would be formed) 
is led over the surface of the electrolyte to prevent oxida- 
tion of the magnef$ium. 

Properties of magnesium 

Magnesium is a filvery white metal with a melting- 
point of 650° C. It is light for a metal, the specihc 
^gravity being 1-74. 

It is not reacted upon by dry air, but in moist air it 
soon becomes coated with a layer of oxide. Perhaps the 

272 
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most interesting property of the metal is that it burns 
with an intensely bright white light, and so is used for 
flashlight photography and for flares. The metal will 
even burn in carbon dioxuie. forming the oxide and 
leaving a deposit of black specks of carbon : 

2Mg + CO2 = 2MgO + C. 

• 

Magnesium dissolves in dilute hydrochloric and sul- 
phuric acids. It will also liberate hydrogep from very 
dilute hitric^acid, the acid being too dilute to oxidize 
the nascent hydrogen. 

Compounds of magnesium 

Magnesium oxide (magnesia), MgO, is formed 
by heating the metal in air, or by heating the hydroxide, 
carbonate, or nitrate : , 

2Mg + 02 =2MgO^,^ 

Mg(OH)2 = MgO+irA 

MgCOa - MgO + CO,. 

2Mg(N03)2 = 2MgO + 4NO2 + O,. 

Magnesium oxide dissolves to a small extent in water, 
the solution being alkaline, showing the formation of 
m^nesium hydroxide. 

Magnesium hydroxide, Mg(OH)2, a white solid, 
is precipitated by the addition of sodium hydroaaJfei 
.solution to a magnesium salt: 

MgSO^ + 2NaOH - Mg(OH)2 + 

Magnesium sulphate, MgS04, cin be made by 
dissolving niagnesium or its oxide or carbonate in dilute 
sulphuric acid. It forms colourless crystals of the hepta- 
hydrate, MgS04-7H20, known as Epsom salt. 

Epsom salt is used in medicine, and is prepared on 
the large scale by purification of the mineral kieseritey 
MgS 04 *H 20 . 

Magnesium carbonate, MgCOs, occurs naturally 

(r 089) 19 
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as magnesite, and together with calcium carbonate 
as dolomite. It is, like calcium carbonate, insoluble in 
water, but with carbon dioxide and water it forms 
the soluble bicarbonate in* the same way as calcium 
bicarbonate is formed: 

MgCOa + + CO, = Mg(HC03)2. 

Magnesium bicarbonate, like calcium bicarbonate, is 
a constituerU of temporarily hard water. 

ZINC 

Occurrence 

Zinc does not occur in the free state. The chief ores 
are calamine, zinc carbonate, ZnCOg, and zinc 
blende, zinc sulphide, ZnS. 

Extraction of zjiiicf 

The first part of the process is to roast the ore in air. 
Both the carbonate and the sulphide form the oxide: 

ZnCOg = ZnO + COg. 

2ZnS + SOg = 2ZnO 2SOg. 

(Where zinc blende is the ore used, the sulphur di- 
oxide produced is oxidized to sulphuric acid.) 

^nSg^ndly, the oxide is reduced to the metal, using coal 
or Coke as the reducing agent. The mixture of oxide and 
powdered iipal or coke is placed in rows of fireclay retorts, 
which are strongly heated by burning producer gas. The 
zinc oxide is reduced and carbon monoxide given off: 

ZnO + C = Zn -f CO. 

The carbon monoxide burns with a blue flame at the 
mouth of the condenser. Zinc collects in the liquid state 
in the condenser, and “ zinc dust ”, a mixture of zinc 
and zinc oxide, collects in an extension to the condenser 
known as the “ prolong ” (fig. 78). 
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Zinc is also extracted by an electrolytic process. The 
ore is roasted and the resulting zinc oxide is dissolved 
in dilute sulphuric acid. The zinc sulphate solution 
thus formed is filtered and subjected to electrolysis, 



using lead anodes and zinc cathodes. The anode be- 
comes coated with lead dioxide, and zinc of a very high 
degree of purity is deposited at the cathode. 

Properties of zinc 

Zinc is a white metal, freshly polisfted surfaces having 
a good lustre. It is rather brittle, but becomes malleable 
and ductile on heating to between 100° C. and J50° C. 
At higher temperatures it becomes brittle once more. 
Zinc melts at 420° C. and boils at about 900° C. It has 
a specific gravity of 7-1. 

Zinc is a reactive metal. Freshly polished surfaces 
quickly tarnish in the air owing to the formation of zinc 
oxide, the coating of which protects the metaljS^ni 
further oxidation, although the zinc oxide itself slowly 
changes to basic carbonate. Zinc burps ift ^air when 
heated, forming the oxide. 

Pure zinc does not dissolve in dilute sulphuric acid, 
although the commercial zinc, containing impurities 
such as lead, does so readily. This is due to an electrical 
circuit being set up between the zinc, lead, and acid. If, 
on preparing hydrogen from zinc and dilute sulphuric 
acid, the action is very slow, owing to the metal being 
too pure for the purpose, a few drops of copper sulphate 
solution poured down the thistle funnel will speed up 
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the reaction. This causes a deposition of copper on the 
zinc, and the copper has the same effect as the lead 
which is in impure zinc. 

Zinc (impure) is oxidized ty water, if steam is passed 
over the heated metal. Hydrogen is evolved: 

Zn -f- H 2 O = ZnO “f" Hg. 

Zinc liberates hydrogen from solutions of sodium 
hydroxide and potassium hydroxide when boiled with 
them, forming sodium or potassium zincatei: 

Zn -f 2NaOH = NagZnO^ + H^. 

Uses of zinc 

Zitic is most used in the preparation of galvanized 
iron. This has already been discussed (p. 260). Zinc is 
also used in the man^il^Cture of electrical cells ; the metal 
cylinders of dry cella are made of zinc. It is used in the 
preparation of alloys, and in the extraction of silver and 
gold. 


Compounds of zinc 

p Zinc oxide, ZnO, may be prepared by heating the 
metal in air, or by heating the carbonate or nitrate. 

J^ino oxide is a white powder, very slightly soluble in 
watek'^t dissolves in dilute acids, forming salts, and has 
the distinctive property of turning yellow when heated; 
on cooling it goes back to white. 

Zinc oxide is usfed as a white pigment. It is not such 
a good covering paint as white lead, but it is much less 
poisonous, and does not darken on exposure to air as lead 
paint does. This is because zinc sulphide, slowly formed 
by the action of hydrogen sulphide present in the atmo- 
sphere of towns, is white. Lead sulphide, similarly 
formed, is black. 

Zinc hydroxide, Zn(OH) 2 , is prepared by the 
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addition of sodium hydroxide or ammonium hydroxide 
to a solution of a zinc salt: 

ZnSO^ + 2 NaOH == Na2S04 + Zn(OH)2. 

The 'zinc hydroxide, being but sparingly soluble in 
water, is obtained as a white precipitate. Excess of 
hydroxide, however, dissolves it. 

Zinc hydroxide decomposes on heating, forming the 
oxide : 

, Zn(OH)2 = ZnO 4 - H2O. ‘ 

Zinc sulphate, white vitriol, ZnS04, is usually 
obtained by dissolving the metal in dilute sulphuric acid. 
It can also be prepared by the other usual methods, that 
is, from the oxide, carbonate, or hydroxide, and dilute 
sulphuric acid. On crystallizing from solution, colour- 
less crystals of the heptahydrat^^ ZnS04*7H20, arc 
obtained. On heating these crystals^ently, six molecules 
of water of hydra 1 ion are driven off.'i^The anhydrous salt 
is obtained at a higher temperature. 

When very strongly heated, zinc sulphate decomposes, 
forming the oxide and liberating sulphur trioxide: 

ZnS04 = ZnO + SO3. 

Zinc sulphide, ZnS, is a white insoluble solid, and 
is precipitated when hydrogen sulphide is added to “a 
solution of a zinc salt to which ammonium chloride 
and ammonium hydroxide have been added. iZi^cTis^ 
recognized in qualitative analysis by precipitation of 
the sulphide in this way. 


QUESTIONS 

1. What are the chief properties of magnesium^ 

2. Write a brief account of each of the following: mag- 
nesium oxide, magnesium hydroxide, magnesium sulphate, 
magnesium carbonate. 
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3. What are the chief ores of zinc? How is zinc extracted 
from its ores? 

4. Describe Ihc chief physical and chemical properties of 
zinc. What arc its piincipal uses? 

6. Describe three ways in which you could prepare .crystals 
of zinc sulphate. 

6. Given colourless crystals said to be zinc sulphate, what 
tests would you apply to verify that the substance is (a) a zinc 
compound, (b) a sulphate? 

7. What weight of zinc is necessary to prepare two litres 

of hydrogen at S.T.P., by adding the metal to dilute sulphuric 
acid ^ *' 
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ALUMINIUM: LEAD 
ALUMINIUM 

AluminiuAi docs not occur uncombined, but it is 
found abundantly in the earth’s crust; clay is hydrated 
aluminium silicate, together with impurities including 
free silica. I'hc oxide, alumina, occurs as bauxite, 
A 1203 - 2 U 20 , while another important mineral is cryo- 
lite, a double fluoride of aluminium and sodium, 
Na-jAlFe, which occurs in Greenland. Corundum is 
an impure form of alumina, AlgOj. 

Extraction 

A satisfactory process for the extraction of aluminium 
from clay has not yet been evolved. The metal is always 
obtained from bauxite. The bauxite is very carefully 
purified and then dissolved in fused cryolite. The 
solution is decomposed by electrolysis, which takes 
place in an iron vessel lined with carbon, which serVts' 
as the cathode. Carbon rods dipping into the molten 
mass constitute the anode. I’he fused alui^mi\)|p^'i^ 
collects at the bottom of the cell, whence it is tappecT 
off periodically, while the oxygen liberated at the anode 
combines with the carbon electrodes to form carbon 
monoxide. 

Properties 

Aluminium is a white metal of specific gravity 2*7 
and a melting-point of 659° C. It is fairly resistant to 
atmospheric conditions, the surface becoming coated 
with a transparent coherent coating of oxide, which 
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protects the metal from further oxidation. Aluminium 
is a fairly strong metal and is malleable and ductile. It 
is a good conductor of electricity. 

On heating aluminium fti the air, it burns with a 
bright flame, forming alumina: 

4A1 + 3O2 = 2AI2O3. 

It disscflves readily in fairly concentrated hydro- 
chloric acid with the liberation of hydrogen: 

•2A1 + 6HC1 = 2AICI3 + 3H2^ 

Hot concentrated sulphuric acid dissolves it, when 
sulphur dioxide is formed: 

2A1 -h 6H2SO4 = Al2(S04)3 + 6H2O + 3SO2. 

^Nitric acid has no action on aluminium. 

"Aluminium dissolves on warming in a solution of 
sodium hydroxide, when sodium aluminate is formed, 
hydrogen being lib^fated : 

2A1 + 2NaOH + 2H2O = 2NaA10, f 3H2. 

(sodium 

aluminate) 

Aluminium forms a number of useful alloys. Mag- 
nalium, containing from two to ten p>er cent of mag- 
caesium, and duralumin, containing magnesium and 
coppig^ are two examples. Magnalium is less dense 
thah>||iiminium, and is quite strong. Duralumin has 

good tensile strength and can be tempered like steel. 
^Aluminium bronze contains copper and from three 
to ten per Cent of aluminium; sometimes manganese 
is added. It is hlgird and of great tensile strength, and is 
not corroded by sea water. 

Uses 

Aluminium and its alloys are used for aircraft con- 
struction and for various machine parts, as well as for 
cooking utensils. The wire is used as an electrical 
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conductor Aluminium powder, made by stamping 
thin sheets of aluminium, consists of thin flakes of the 
metal. When used as a paint it has a very high covering 
power, more so than othfer paints containing granular 
particles. It is used largely for covering iron and thus 
preventing rusting. 

Thermit consists of a mixture of alumiiiium powder 
and ferric oxide. When ignited, the ferric oxide is re- 
duced by the aluminium, the reaction being very rapid 
and great heat being evolved: 

Fe203 -f“ 2 A 1 = AI2O3 -f- 2 Fe. 

The temperature becomes such that the iron melts. 
The reaction is used for welding steel, the molten metal 
being run straight from the crucible on to the pieces 
of steel to be welded. ^ 

Aluminium oxide, AI2O3, occurring as corundu^n, 
is a hard crystalline substance and is used as an abrasiW 
(emery). Hydrated aluminium oxide is used to make 
pigments called lakes* 

Aluminium sulphate, Al2(S04)3, made from kaolin 
(a pure form of clay) and sulphuric acid, is used for 
sizing paper and in other technical processes. Alum, 
a double salt of aluminium sulphate and potassium 
sulphate, K2S04-Al2(S04)3-24:H20, forms well-defined 
colourless octahedral crystals. It is used in ^pining, 
in the dye industry, and as an astringent. 

Bricks, pottery, and porcelain 

Bricks are made from clay. The day used is impure, 
containing iron oxide, which impafts the red colour 
to the bricks. For making pottery a much purer clay 
must be used. It is washed and mixed with finely 
ground flints and formed on the potter’s wheel. It is 
then dried and fired in kilns. Porcelain is made from 
pure china clay mixed with silica. 
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j9icurrence 

The chief ore of lead is galena, lead sulphide, PbS, 
which is a hea\y black lustrous mineral. The metol can 
very easily be extracted, and consequently lead has been 
in use for thousands of years. Galena occurs to some 
extent in this country, but is found in larger quantities 
in North America, Australia, Spain, and Germany. 

'Extraction 

The extraction of lead from galena is by a compara- 
tively simple process. The ore is first roasted in a current 
of air at a moderate temperature in a reverberatory fur- 
nace, when part of the sulphide is converted to the mon- 
oxide and part to the sulphate : ^ 

2PbS 4- SOg = 2PbO 4- 2 SO 2 , 

' .PbS 4- 2 O 2 = PbSO^. 

More galena is then added, the air current is turned off, 
and the temperature is raised. Under these conditions 
the galena reacts with both the lead monoxide and lead 
sulphate, lead being the product in each case; 

> 2PbO 4- PbS = 3Pb 4- SO 2 , 

. > / PbSO^ 4- PbS = 2Pb 4- 2 SO 2 . 

^ The lead, wbich is in the molten state, is run off, and 
impure metal is purified by stirring in contact with air ; 
this oxidizes impurities, which form a scum on the sur- 
face. 'Phis can be removed. 

/Properties 

I Pure lead has a silvery-white lustre, but, when generally ^ 
met with, it is of a bluish-grey colour ^It is a heavy metal, 
having a specific gravity of 11 4.3It is soft, being easily 
cut by a knife, when its metallic lustre becomes apparent. 
The bright surface, however, quickly tarnishes. The 
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mete'll is plastic, especially v^hen heated, and this fact is 
utilized ill the manufacture of lead piping and amic, 
which arc made by pressing the warmed solid metal 
through dies.hThe metal melts quite ea^i!y, the melting- 
point being C.^ It is a good conductor of heat and 
electricity. 

' (Lead tarnishes rapidly on the surface in moist air, a 
protective coating of “hydroxide and carbonate being 
formed. Pure air-free water has no action on lead, but 
water containing dissolved air reacts with lead, the lead 
hydroxide formed dissolving appreciably in the water, 
rendering it poisonous. If the water is slightly hard, 
however, an insoluble protective coating is formed, and 
for this reason very soft w^ater is often artificially hardened 
to prevent the ill effects due to the soft water passing 
through lead pipes. 

'I Dilute sulphuric and hydrochloric acids do not react 
with lead, but hot concentrated sulphuric acid behaves >n 
a manner similar to that with copper, lead sulphate and 
sulphur dioxide being formed: 

Pb + 2H2SO4 = PbS 04 + 2H2O + SO2. 

Modf^rately dilute nitric acid dissolves lead readily, 
forming lead nitrate and liberating principally nitric 
oxide : 

3 Pb + 8HNO3 = 3Pb(N03)2 h 4H2O + 2 NO.' 

With concentrated nitric acid, nitrogen peroxide-is also^ 
formed: 

Pb + 4HNO3 = Pb(N 03)2 + 2 H^O + 2NO3. 

^ses 

Lead is particularly useful in the ttt^ufacture of water 
'‘and gas piping, as it is easily bent to shape, and joints are 
easily made. As sheet lead it is used extensively for roof- 
ing. Many lead alloys are useful, for example: solder, 
type-metal, and pewter. The metal also finds a use as a 
casing for electric cables, and in accumulators. 
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Compounds of lead 

JUead monoxide, PbO If lead is heated in air the 
monoxide is formed as a yellow powder called massicot, 
If heated more strongly anS the molten oxide allowed 
to cool, it forms the well-known orange-coloured crystal- 
line form, litharge. 

‘ Lead monoxide may be reduced to the metal by passing 
hydrogen over the heated oxide: 

. Pb0 + Ha=H20 + Pb, 
or by heating a mixture of the oxide and carbon : 

PbO + C = CO 4 Pb. 

Lead monoxide behaves normally to dilute acids, salts 
and water being formed, e.g.: 

PbO + 2mO^ = Pb(N03)2 + HgO. 

Litharge is used^lri the manufacture of flint glass, in 
•^[lazing pottery, an!5.’in the preparation of red lead and 
le^ld^Sfllts. c< ^ 

Red lead or minium, Pb 304 !! This oxide, a bright 
red crystalline powder, is formed by roasting litharge in 
a current of air at 400° C. At higher temperatures the 
red lead changes back to litharge. Red lead is used as a 
pigment, being particularly useful because it covers well 
^nd helps to “ harden ’’ the oil. <> ^ ^ 

dioxide, PbOa- Lead dioxide is a chocolafe- 
colopfjyi^powder made by the oxidation of red lead by 
nitrifc adra. It is a good oxidizing agent; for example, it 
oS!idizes hydrochloric acid to chlorine: 

PbOa + 4HC1 = PbCla + 2 H 2 O + Cl^. 

chloride* PbC^. Lead chloride is a white 
crystalline solid^ easily soluble in hot water but only 
slightly soluble i4 told water. It can, therefore, be con- 
veniently prepare<t*i 3 y the addition in the cold of hydro- 
chloric acid or a chloride to a solution of a lead salt, the 
lead chloride being precipitated : 

Pb(N03)2 + 2HC1 -- 2f INOa 4 PbClg. 
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/Lead nitrate, Pb(N03)2. Lead nitrate rnay be pre- 
pared by dissolving lead, litharge, or lead carbonate in 
nitric acid. It is soluble in water and crystallizes without 
water of hydration. On hehting lead nitrate it decom- 
poses, riitrogen peroxide and oxygen being given off: 

2 Pb(N 03)2 = 2 PbO + 4NO2 + O2. 

"White lead. This well-known pigment is a basic cai-- 
bonate of lead, having the composition 2PbC03'Pb(0H)g(, 
and is formed when a solution of sodium carbohate is added 
to a solution bf a lead salt. It is manufactured by placing 
rolls of lead in earthenware pots with vinegar at the 
bottom. These pots are stacked in rows with layers of 
tan bark or dung between the rows. The fermentation of 
the tan bark causes carbon dioxide to be liberated, and 
this carbon dioxide decomposes the basic lead acetate 
formed from the vinegar and theTeSd, the result being 
white lead, 

White lead is opaque and has a ^bod covering povl^r, 
and is largely used for making paints, colouring matter 
being added to the white lead paint to produce the coldur 
required. White lead paint gradually darkens in the 
atmosphere, hydrogen sulphide present in the air slowly 
changing it to lead sulphide, which is black. 

QUESTIONS 

1. In what forms docs aluminium occur in the eartlil^;»C|!Vst? 
Describe how the metal is extracted from one of theni' 

2. Write an account of the principal properties and uses of 
aluminium and its alloys. 

3 Describe the extraction of lead from galena. What are 
the principal uses of lead ^ v 

4. What are the chief physical propeititsrfef lead? Describe 

the reactions of lead with (a) air, (6) watef;,^ (c) sulphuric acid, 
(d) nitric acid. * 

5. Write a brief account of the oxides of lead. How would 
you prepare specimens of lead chloride and lead nitrate? 

6. Describe the manufacture of white lead. What are its 
advantages and disadvantages as a pigment? 




SYMBOLS AND APPROXIMATE ATOMIC WEIGHTS 
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Approx 

Atomic 

Element 

Symlxil 

Weight 

Aluniinium 

. A1 

27 

Antimony 

. Sb 

122 

Arf^on 

. A 

40 

Arsenic 

. As 

75 

Barium 

. Ba 

i:n 

Bismuth 

. Bi 

209 

Boron . . 

. B 

11 

Bromine 

. Br 

80 

Calcium 

. Ca 

40 

Carbon 

. C 

12 

Chlorine 

. Cl 

35*5 

Chromium 

. Cr 

52 

Cobalt . 

. Co 

50 

Copper 

. ' Cu 

04 

Gold 

Au 

197 

Helium 

. He 

4 

Plydrogen 

. H 

1 

'Iodine 

. 1 

127 


Element 

Symbol 

Appiox. 

Atomic 

Weight 

Iron 

. . Fe 

50 

Lead 

.. Pb 

207 

Magnesium 

.. Mg 

24 

Manganese 

. . Mn 

55 

Mcrcurv 
Nickel ?. 

.. Hg 

201 

. . Ni 

69 

Nitrogen 

.. N 

I 

Oxygen 

.. O 

w- 

Phosphoius 

. . P 

31 

Platinum 

. . Pt 

195 

Potassium 

.. K 

39 

Silicon . . 

.. Si 

28 

' Silver . . 

.. Ag 

108 

Sodium 

. . Na 

23 

Sulphur 

.. S 

32 

Tin 

.. Sn 

119^. 

Tungsten 

.. W 

. J«4 

Zinc 

. . Zn 

65 
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ANSWERS TO NUMERICAL EXAMPLES 


CIhap. Ill, p. 26. • 

3. 66 0 c.c. 6. 61*41 c.c. 7. 36*7 c.o. 9. 67*3* C. 

4. 1118 mm. 6. 336*8^^ C. 8. 1081 mm. 


Chap. VI, pp. ‘48-49. 

4. 12*0. 7. 62*6. 

6. 27*7. . 8. 32*3. 

6. 61*0. 9. 60. 


10. 32. 13. 32-6. 

11. 97 6. 14. 39*2. 

12. 27*7. 16. 23*0. 


Chap. VIT, p. 61. 

3. (a) C 27*3, O 72*7. (6) K 62*2, Cl 47*8. 

(c) K 38-6, N 13-9, O 47-6. (d) N 21-2, H 6-1, S 24-2, O 48-6. 

(c) H 2-0, S 32-7, O 65-3. 

4. (a). 36. (6)43-9. (c) 62-9. 

6. (a) CO. (6) Al^Oj. (c) CaCOj. (d) Ca(OH),. (e) KjCfaO, 

6. 7-3 gm. 

7. 35 tons. 

8. 17f tons. 


Chap. VIII, p. 69. 

6. 47-6. 

aUtp. XI, p. 92. 

6. 62-9, 

Chap. XIII, p. 119. 

' , 2, 16-1 gm., 3-46 litres. 

Chap. XIV, p. 127. 

12. 3-55 gm. 

Chap, XVH, p. 166. 

- 11. 83-76 gm. 

Chap. XXI, p. 220. 

11. 4-48 litres. 


6. 94-3. 

Chai>. XII, p. 108. 
2. 1-8 gm. 


Chap. XV, p. 140. 

10. 4-78 gm. 

Chap. XIX, p. 192. 

15. 3^ tons. 
Chap. XXIV, p. 242. 
9. 0-73 tons. 


Chap. XXV, p. 254. 

9. 0-7 oz. 

Chap. XXVIII, p. 278. 
7. 5-8 gm. 


Chap. XXVll, p. 271. 

7. 6 gm. 

« 
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Acidio oxides, 101, 124. 

Acids, 122-3. • 

Air, 93. 

Alabaster, 24S. 

Alkalis, 124. 

Allotropy, 105, 175, 194, 203. 
Alloys, 224. 

AUoy steels, 259. 

Alum, 281. 

Aluminium, 279-81. 

Aluminium bronze, 280. 
Aluminium compounds, 280-1. 
Ammonia, 132-9. 

Ammonia-soda process, 236. 
Ammonium salts, 139. 

Anthracite, 205. 

Argon, 129. 

Atom, 36. 

Atomic theory, 31-7. 

Atomic weight, 50. 

Avogadro’s hypothesis, 63. 
Azurite, 266. 

Badische process, 187. 

Bases, 124. 

Basic oxides, 101, 124. 

Basic slag, 259. 

Bauxite, 279. 

BerthoUet, 162. 

Birkeland and Eyde’s process, 142. 
Blast furnace, 255. 

Bleaching powder, 169. 

Blue vitriol, 269. 

• Bordeaux mixture, 270. 

Bosch process, 111. 

Boyle’s law, 21. 

Brand, 193. 

Brass, 268. 

Bricks, 281. 

Bromine, 167-8. 


Bronze, 268. 

Brown ring test, 144. 

Burgundy mixture, 270. 

Calamine, 274. 

(’alcium, 243-6. 

Calcium compounds, 245-8« 
Carbon, 203-10. 

Carbpnatcs, 215. 

(’arbon dioxide, 2U)-5. 

(’arbonic acid, 216. 

Carbon monoxide, 216. 
Caiborundum, 223. 

(^anialljte, 239. 

Cast iron, 267. 

Costner Kellner process, 233^^ 
Catalysis, 7*4-6. ’ ' 

Caustic soda, 233. 

Cavendish, 42, 109, 

Cement, 247. 

Charcoal, 208. 

Charles’ law, 22. 

Chemical change, 10. 

Chlorides, 156, 163. 

Chlorine, 162-60. 

Chlorine water, 156. 

Chlorophyll, 210. 

Clark’s process, 262. 

Coal, 204. 

Coal gas, 206. 

Coke, 207. 

Combustion, 93. 

Compounds, 13. 

Conservation of matter, law of, 26. 
Constant composition, law of, 28. 
Contact process, 187. 

Copper, 266-8. 

Corundum, 279, 281. 

Cryolite, 279. 

Cupric compounds, 269-70. 
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Dalton, 34. 

Davy, 123, 152, 230. 
Deliquescence, 92. 

Diamond, 20 i. 

Distillation, 18. 

Dolomite, 272. 

Dumas, 117. 

Duralumin, 280. 

Efflorescence, 91.* 

Electrochemical series, 226. 
Electrolysis, 77-85, 279. 
Eloctroplatinfij, 84.* 

Eletjtrotyping, 84. 

Elements, 13. 

Epsom salt, 272. 

Equations, 56. 

Equilibrium, 71. 

Equivalent weights, 38-47, 66. 
Eudiometer, 116. 

Faraday, 2, 79. 

Ferric compounds, 263. 
Ferroso-forrio oxide, 264. 

Ferrous compounds, 262-3. 
Formulae, 61-3. 

Fractional crystallization, 16. 
Frasoh process, 173. 

Ga&, 193. 

Galena, 282. 

Galileo, 3. 

G^lvapized iron, 260, 276. 

Oa«' carbon, 208. 

Gas equation, 23* 

Gay ^'ssac’s law of gaseous 
voltes, 62. 

GlasB^^2. ' 

Gramme-equivalent, 41. 

Graphite, 204. 

GriJlo process, 187. 

Gypsum, 248. 

Haber process, 137. 

Halogens, 167. 

[laid water, 249-63. 

Holmes signals, 197. 

Hydrochloric acid, 160-6. 
Hydrogen, 109-14. 

Hydrogen bromide, 168-9. 
Hydrogen iodide, 170-D 
Hydrogen sulphide, 178. 


Hygroscopic substances, 02. 
Hypochlorous acid, 166, 

Indicators, 126. 

Iodine, 169-70. 

Ionic hypothesis, 80-2. 

Iron, 265-60. 

Iron pyrites, 264. 

Kipp’s apparatus, 179. 

Lampblack, 208. 

Lavoisier, 106, 123, 193. 

Lead, 282-6. ^ 

Load chamber process, 189. 

Load compounds, 284-6. 
Litharge, 284. 

Litmus, 126. 

Magnahum, 280. 

Magnesium, 272-3. 

Magnesium compounds, 273—4. 
Malachite, 266. 

Moss action, law of, 73, 

Massicot, 284. 

Matches, 201. 

Metals and non-metals, 224-9. 
Methyl orange, 126. 

Moyer, Victor, 67. 

Minium, 284. 

Mixtures, 11. 

Mixtures, separation of, 16-8. 
Molecular weight, 60, 65, 66. 
Molecule, 35. 

Monoolinio sulphur, 176. 

Multiple proportions, law of, 30. 

'Nossler’s solution, 136. 

Nitric acid, 141-4. 

Nitrogen, 128-31. 

Nitrogen cycle, 149. 

Nitrogen, oxides of, 146-7. 
Normal solutions, 43. 

Orthophosphoric acid, 201. 
Oxidation, 120-1. 

Oxygen, 96-103. 

Ozone, 103. 

Permutii process, 262. 
Phenolphthalein, 126, 

Phlogiston theory, 105. 
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Phosphine, 196. 

Phosphonium salts, 198. 
Phosphorus, 193-6. 

Phosjihonis pentachlorido, 199. 
Phosphorus pontoxide, 200. • 

Phosphorus trichloride, 198. 
Phosphorus tri-iodide, 200. 
Physical change, 9. 

Plaster of Paris, 248. 

Plastic sulphur, 176. 

Pig iron, 257. 

Porcelain, 281. 

Potash alum, 281. 

Potashiiim, 2JJ9 40. 

Potassium salts, 240-1. 

Pottery, 281. 

Priestley, 96. 

Producer gas, 219. 

I^russian blue, 262. 

Quartz, 222. 

Quick lime, 245. 

Ramsay, 129. 

Reciprocal projxjrlions, law of. 38. 
Red lead, 284. 

Reduction, 120-1. 

Refrigeration, 138. 

Respirator, 208. 

Reversible reactions, 71, 

Rhombic sulphur, 175. 

Salts, 124-6. 

^Scheole, 06. 152, 193. 
*Siomcns-Martiri process, 258. 
Silica, 221. 

Silicates, 222. 

Silicon, 221-3. 


Silicon carbi<lo, 223. 

Slaked liuic. 2 16. 

Soiip, 252. 

►Sodium, 230 3. 

Sodium suits, 233-9. 

►Solubility, 86-8. 

►Solvny process, 236. 

Stahl, 105. 

Stalactites and stalagmites, 263. 
Stiindard solutions, 42. 

Steel, 258-60. 

Sublimation, 16. 

►Sulphur, 173-8.* 

Sulphm dioxide, 182-0. 
►Sulphuretted hydrogen, 178. 
Sulphuric acid, 187 -92. 
Sulphurous acid, 184. 

Sulphur trioxidis 187. 
Supersiituration, 89. 

Thermit, 281. 

I'lirnbuli’s blue, 261. 

Valency, 53. 

Vapour density, 64—9. 

Water, 114-8. 

Water gas, 207, 220. 

Water glass, 222. 

Water of crystallization, 9(K 
White load, 285. 

White vitriol, 277. 

Wrought iron, 258. 

Zinc, 274-6. , 

Zinc blende, 274. • 

Zinc compounds, 27^7. ' 









